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PREFACE TO SECOND EDITION 


The subject matter has been rearranged to correspond more closely 
to the order in which the work is done in the laboratory. Some of the 
methods of analysis described in the first edition have been omitted, and 
a few new procedures have been added. The theoretical discussions 
and the explanation of stoichiometric problems have been expanded. 

Part I represents work given to students during the first semester. 
A rapid worker who is efficient in the laboratory can accomplish most 
of this work in a schedule of five hours per week for fifteen weeks. Most 
students require considerably more time, particularly when some of the 
work has to be repeated. The author assumes that 225 points repre¬ 
sents 100 per cent in the laboratory when each determination is graded 
on a scale of 10. 

Part II represents work given to students during the second term of 
the chemical engineering course at M.I.T. The methods, to a con¬ 
siderable extent, are those which have been developed in busy technical 
laboratories such as those of a steel plant. They give the student 
practice in making rapid analyses for the purpose of deciding whether a 
material such as steel is suitable for the desired purpose and whether it 
satisfies the specifications that engineers have adopted. Such analyses 
prove more interesting to engineering students than longer, more 
difficult procedures. 

William T. Hall. 

March, 1935. 
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PREFACE TO FIRST EDITION 


Nearly thirty years ago, the writer of this book translated F. P. 
Treadwells Kurzes Lehrbuch der analytischen Chemie.'^ Treadwell, 
although himself an American, was at that tinie teaching at Zurich, 
and the book represented his lectures on analytical chemistry and the 
methods which he had tested with his students. It was meant to be a 
brief text written especially for students. 

After the book was published, Treadwell naturally had his students 
test many of the new analytical procedures that were proposed from 
time to time and added many of them to his text. The translator did 
the same thing, until finally the English translation became about twice 
as large as it was at first and chemists began to look upon it as a refer¬ 
ence book rather than a brief text for students. Moreover, to avoid 
unnecessary repetitions, there were many cross references which made it 
less convenient for students to use in the laboratory. Finally, in 1928, 
the suggestion was made that the book be reduced to its original size. 

This idea of again making the book a brief text adapted to the needs 
of sophomores in our colleges and technical schools did not appeal to the 
publishers. They preferred to publish such a text independently. 
The present book is the result. 

Those familiar with the Treadwell book in the form of its English 
translation will note at once that the greater part of the procedures here 
given are practically identical with those of the older book although the 
similarity to the original text of Treadwell is not so striking. 

The present book represents a course in analytical chemistry as 
given at the Massachusetts Institute of Technology to embryo chemical 
engineers. For these students, the excellent text of H. P. Talbot was 
formerly used and it will be noted that the subjects selected include the 
methods given in that text which, however, represented work usually 
accomplished by students in one semester whereas this book represents 
the work of two semesters. 

One feature of the book, which was also adopted by Dr. Talbot at the 
suggestion of the writer, is that titration methods are given first. 
Practical experience has shown that students accomplish more work 
and get more out of the course when this is done. This fact was dis¬ 
covered quite by accident but verified by careful observation in three 
laboratories under some five or six different instructors. 

The teacher of analytical chemistry is obliged to turn in grades for all 
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of his students. Acting on the principle that any measurement is more 
likely to be correct when based upon many observations the writer has 
tried to work out a scheme for grading the students which will be based 
upon as many observations as possible and practically free from personal 
feelings toward the individual members of the class. The students are 
told exactly how the grades are made, and an explanation is always 
given whenever a student feels that the grade is not fair. At the Massa¬ 
chusetts Institute of Technology we are asked to turn in at the end of 
each semester a single grade for the entire work covered. Just how 
much weight should be given to laboratory work, how much to faithful 
performance of home work assigned, and how much to records made in 
written examinations, is left for the instructor to determine. The 
writer makes out grades on a percentage basis for the laboratory work, 
the weekly quizzes, and for the problems assigned for home work. 
Then a composite grade is made counting the laboratory work 40 per 
cent, the class work 50 per cent, and the home problems 10 per cent. 
Just a word as to how these grades are prepared. 

In the laboratory, the student is asked to report the results he obtains 
as soon as possible. Each result is graded on a scale of 10, taking into 
consideration the neatness of the notebook, the accuracy of the result, 
and the agreement of checks. At the end of the term the grades thus 
obtained are added up and divided by a number such that the average 
student working exactly the time assigned will obtain a quotient of 60 
and only a few students will obtain quotients better than 90. These 
quotients are called the laboratory grades. The class meets in the 
lecture room two or three times each week and at one of these exercises 
a 30-minute written quiz Ls given with particular emphasis placed upon 
stoichiometric problems and the ability to balance equations represent¬ 
ing chemical reactions. Each of these quizzes is graded on a scale of 
10 and the classroom grade determined by multiplying the average 
grade by 10. It has been found inadvisable to give a final examination 
unless time is given for the student to make an adequate review of the 
subject. The grade for problems done at home is based upon the 
number of correct solutions and the number of problems assigned. In 
this book a set of problems for home work is given at the end of each 
chapter, and about 200 problems are assigned during the entire sopho¬ 
more year. It works best not to give the answers in the book. Some 
students, to be sure, keep a record of the correct answers and pass them 
along to their fraternity brothers, but most of the students realize that 
they had best try to do the work independently and those students 
having the correct solutions often spend a good deal of time explaining 
them to others, which is good for aU concerned. 
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The laboratory is kept open about eight hours a day, and the student 
is encouraged to do extra work and, in order to develop as far as possible 
the spirit of research, the better students are usually assigned some 
simple research problem to work out and report on. The writer has 
on file many excellent reports thus made, and he has himself obtained 
a great deal of valuable information by trying out new procedures with 
his students. 

William T. Hall. 

Massachusetts Institute of Technology, 

September, 1930. 
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QUANTITATIVE ANALYSIS 


CHAPTER I 

INTRODUCTION 

The purpose of a quantitative analysis is to determine the relative 
quantity of one or more constituents of a compound or of a mixture. 
The methods to be employed depend somewhat upon the nature of the 
substances to be determined so that, as a rule, a qualitative analysis 
should precede the quantitative one. The chemical reactions used in 
quantitative analysis are, for the most part, reactions which are used 
or can be used as qualitative tests, and the chemical principles involved 
are the same. In quantitative analysis, however, it is necessary to 
measure accurately the quantity of sample taken and either the quan¬ 
tity of reagent required to cause a definite reaction to take place or the 
quantity of one of the products formed by the reaction. Quantitative 
analysis, therefore, differs from qualitative analysis with respect to the 
necessity of making careful measurements of materials. Since all chemi¬ 
cal research is based upon quantitative analysis, it is clear that the 
ability to make accurate analyses is one of the most important assets 
of the chemist irrespective of the field in which he may choose to work 
eventually. 

The most important tool of the chemist is the balance by which weigh¬ 
ings are made.* The balance used by the chemist combines the physical 
principles of the lever and the pendulum (Fig. l.)t The beam, from 
which the scale pans are suspended, represents a horizontal lever with 
two arms of equal length. To be serviceable, a balance must be accurate 
and sensitive. It fulfills the first condition if (1) the arms are actually of 

* Strictly speaking, the balance determines masses and not weights. The unit 
of mass is the gram and the unit of weight is the dyne in the absolute system. The 
mass in grams multiplied by the acceleration of a falling body due to gravity, gives 
the weight in dynes. At any given place, therefore, the weights are proportional 
to the masses so that it is common practice to neglect the value of gravity and 
speak of a weight of so many grams. The masses determined by the chemical 
balance are independent of the value of gravity whereas a spring balance may not 
show the same weights for the same masses at different places on the earth^s surface. 

t Reproduced, by permission, from Catalog No. 8 of Christian Becker, Inc. 
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equal length, (2) the point of support (the fulcrum about which the beam 
rotates) lies above the center of gravity, and (3) the fulcrum (center 
knife-edge) and the knife-edges from which the pans are suspended lie 
in the same plane and are parallel to one another. 

The beam of the balance is provided with a long pointer which swings 
over a fixed scale near the base of the balance case. A small adjustable 
nut on the pointer, sometimes above and sometimes below the beam, 
serves to raise or lower the center of gravity of the moving parts and 



thus change the sensitiveness. At one end of the beam, and in some 
balances at both ends, is found an adjusting screw which serves to 
make the effective weights of the arms equal. 

At the middle of the beam, on the under side, is a knife-edge which is 
usually made of polished agate. When the balance is in use, this knife- 
edge rests upon a plate of polished agate so that the beam can swing 
with very little friction. At the ends of the beam are other knife-edges 
from which the balance pans are suspended. When not in use, the 
beam should be raised so that the knife-edges are not in contact with 
their bearings. This is effected by means of a frame operated by a 
key at the front of the balance case. By turning the milled head clock¬ 
wise, the beam is raised. With an equal load in each pan, and the beam 
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resting on the knife-edge, the pointer should swing an equal number of 
divisions both sides of the zero of the scale when the beam is in motion 
and should finally come to rest at the zero-mark. If a small weight is 
added to either pan the beam and the pointer will swing through an 
angle and take up a new position of equilibrium. This new position 
will be the result of the moments of three effective forces — the weight 
of the beam and the weights in each pan. 

The angle a which the pointer at its new resting place makes with its 
original position is determined by the excess weight, p, the length of 
the balance arm, Z, the weight of the beam, and the distance, d, be¬ 
tween the center of gravity and the point of support of the beam. 
Expressed mathematically, 

pd 

tan a — -—; 
qd 

The sensitiveness^ or sensibility^ is measured by the angle a when p 
has a definite weight, usually 1 mg. Since the tangent of a small 
angle is practically the same as the angle, and the tangents of the angles 
that the pointer makes are directly proportional to the number of di¬ 
visions between the two points of rest on the scales, it is customary to 
regard the sensitiveness or sensibility as the number of scale divisions that 
the zero-point is displaced by an excess weight of 1 mg. 

It follows, then, that the sensitiveness of a balance is directly pro¬ 
portional to the length of the balance arms and inversely proportional 
to the weight of the beam and to the distance of the center of gravity 
below the point of support. It is clear also that the observed deflec¬ 
tion is proportional to the length of the pointer. 

The conditions for maximum sensitiveness are more or less conflict¬ 
ing. Thus long arms are incompatible with minimum weight. The 
length of arms is, also limited by the fact that the longer the arms are, 
the greater the time required for one complete swing of the pointer. 
The weight of the beam also affects the time of swing in the same man¬ 
ner. On the other hand it is important that the beam should be rigid. 

Long arm balances, although sensitive, possess the disadvantage of 
a long time of swing which renders weighing a tedious process. For 
moderate loads, short arm balances with light beams of aluminum alloy 
are sensitive and fast. 

It is possible to decrease the time of swing by lowering the center of 
gravity, but this makes the balance less sensitive. For ordinary work, 
it is well to adjust the sensitiveness so that 1 mg. excess weight will 
displace the zero-point at least five scale divisions with light loads. 
The center of gravity must always be below the knife-edge or the balance 
will be in neutral or unstable equilibrium. 
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Precautions in the Use of a Balance 

1. The balance should rest upon a firm support which is practically 
free from mechanical vibration. Direct sunlight should not fall upon 
the balance as it will cause irregularities and errors in weighing. 

2. When not in use the balance beam should always be raised off 
the knife-edges as otherwise these are likely to be injured by jarring. 

3. The beam should always be lowered slowly and carefully. 

4. The beam should never rest upon the knife-edge while weights or 
substances are being added to or removed from the pans. 

5. The beam may be set swinging by dropping the rider upon the 
beam or removing it for a moment. It may also be set in motion by 
fanning one pan gently with a motion of the hand, but in no case should 
motion be started by touching the pan or by suddenly lowering the 
beam upon its knife-edge. 

6. All weighings should be made methodically, trying the weights 
one after another in their proper order. 

7. Before making a weight, the adjustment should always be tested. 
The balance is properly adjusted (a) when it is level, (b) when the 
pointer rests at the zero-mark with the beam raised, (c) the pointer 
should swing equal distances on either side of the zero when the beam is 
set in motion with no load in the pans.* If the balance has pan arrests 
which work independently of the mechanism that lowers the beam, 
these arrests should be adjusted so that the pointer is at the zero-mark 
when the beam is on its knife-edge and the pan arrests are in place. 

8. Final adjustment with the rider and all observations regarding 
the swing of the pointer should be made with the balance case closed 
to prevent errors arising from air currents. On leaving the balance, the 
case should always be clovsed. 

9. The weight of a substance should be recorded, firsl, by adding up 
the weights missing from the box (in which every weight should always 
have its own place), and secondy by adding up the weights that are on 
the pan. After the final weight has been made, it is convenient to 
make this second addition when the weights are being returned to the 
box. By always checking the weights as a matter of habit, serious 
errors are often avoided. 

10. Substances to be analyzed should never be placed directly upon 
the balance pan but on a watch glass or in a tube. The object should 
not be warmer or colder than the air in the balance case. Air currents 

^ Some workers prefer to adjust the balance so that the pointer rests three or four 
divisions to the right with no load in either pan. Of. Brinton, /. Am, Ckem, Soe., 
41, 1151 (1919). 
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from a hot body make it weigh too light and condensation of moisture 
on a cold body makes it appear too heavy. 

11. Care should be taken not to overload the balance. 

A separate set of weights should be provided with each balance. 
In analyzing a given material, the chemist is required to determine the 
weight ratios of the various constituents. He reports the per cent of 
iron present rather than the weight. It is important, therefore, that 
the weights in any set should stand in the proper relation to one an¬ 
other and relatively unimportant whether the 10-g corresponds ex¬ 
actly to the 10-g weight in some other set. In analyzing ores for precious 
metals, it is customary to weigh out a large sample on a “ pulp balance 
which need not be sensitive to 1 mg. The analysis is finished by weigh¬ 
ing a very small fragment of metal on a button balance '' sensitive to 
1/100 mg. Ordinarily, however, all of the weighings used in any chemi¬ 
cal analysis should be made with the same balance and the same set 
of weights. If a weight is lost or misplaced, a new weight should 
always be tested to see if it bears the proper relation to the other pieces 
in the set. 

Sets of weights used in chemical analysis usually contain a 50-g 
weight and sometimes a 100-g \freight. Sometimes the smallest weight 
is 1 mg, but a set need not contaiq any weight smaller than 10 mg. The 
numbers on the weights indicate grams when the value is 1 g or over 
and milligrams if the weight is a fraction of s^gram. 

Weights smaller than 10 nl| are usually obtained by the use of a 

rider ” or small piece of aluminum wire which may be shifted to 
various positions on the beam of the balance. The manner in which 
the beam is divided varies with balances of different makes. When 
the rider is placed directly over the knife-edge that supports the right 
pan, it indicates its true weight; and when it is placed at a fraction of 
the distance between middle and outer knife-edges, it indicates that 
fraction of its true weight. Riders as a rule weigh 5, 6, 10, or 12 mg. 
Balances which are made so that the rider can be placed directly over 
the pan suspension usually take a 10-mg rider or a 5-mg rider. Bal¬ 
ances which are made with the top of the beam rounded off at the ends 
usually take a 12- or 6-mg rider. The larger divisions on the beam 
graduations are always 1 mg apart when the proper rider is used. The 
smaller subdivisions are either tenths or fifths of a milligram. 

The chainomatic balance does not require a separate rider. One end 
of a small gold chain is fastened to the balance beam and the other end 
to a hook which can be moved up and down a vertical scale. This hook 
is operated by a milled head outside the balance case on the right. 
Movement of the hook changes the weight of chain that is supported by 
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the beam so that the positions on the scale correspond to milligrams. 
This may be adjusted while the balance is in motion. 

Methods of Weighing 

It is important to keep the pans, beam, bearings and all parts of the 
case clean and free from dust and chemicals. Before starting to weigh, 
see that the balance is properly adjusted, determine the zero-point and 
the sensibility or sensitiveness. If necessary, turn the leveling screws 
at the base of the case until the spirit level back of the pillar shows the 
correct position. Note also whether the knife-edges are in the proper 
positions with respect to the l)earings and whether the pointer rests at 
the zero-point of the scale. Lower the beam rest, by slowly turning the 
knurled knob at the bottom of the case in an anti-clockwise direction,* 
and see that the pointer is still at the zero-point when the pans are rest¬ 
ing on the pan rests, making the proper adjustments, if necessary. 
Then with the balance case closed, release the pan rests and see that the 
pointer is quiet or moves back and forth to equal distances on both sides 
of the zero-mark. If necessary, move the adjustment screw on the end 
of the beam, but it is better to allow for a slight zero error, when it is not 
more than one scale division, than to make frequent adjustments. 

The pointer swings as a pendulum and, owing to air resistance, is sub¬ 
ject to a damping, or shortening of the swing, and unless the eye is 
exactly in alignment, there is a parallax error in reading the position of 
the pointer on the scale. The half-way point is best determined by tak¬ 
ing the half-way point of two or more complete swings. A complete 
swing of a pendulum involves a return to the starting place, and the 
measurements will represent complete swings if the final reading is 
taken on the same side as the initial reading so that there will be one 
more reading on one side than the other (see Weighing by Swings). If 
the center knife-edge is sharp so that there is little friction to overcome 
save that of the air, the damping will be slight, and negligible if the 
swing is made short; therefore for ordinary work it is suflScient to take 
the half-way point of a half-swing, with each turning point less than 
five scale divisions from the zero-mark. With these short swings, more¬ 
over, there is less danger of parallax errors than with long swings. 

After taking the zero-reading, the next thing is to determine the 
sensibility or number of scale divisions that the zero-poinl is displaced by a 
load of 1 mg. The sensibility varies with the load,t but it is well to 

* In putting anything on the balance pan or taking anything off, the balance 
beam should always be supported and not resting on the central knife-edge. 

t This is because the center of gravity changes with the load. How this changes, 
depends upon whether the three bearings lie in the same plane or not. As a rule, 
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know how sensitive the balance is at the start because this knowledge 
will help the operator to make rapid weighings. 

Rapid Method. — For ordinary work, it is convenient to adjust the 
center of gravity by means of the adjusting nut on the pointer, so that 
a load of 1 mg. will make the pointer have an initial swing of at least five 
scale divisions to the left when the pan rests are carefully released. In 
weighing, note the initial swing when the rider indicates within 0.5 mg of 
the correct weight. Then change the position of the rider so that the ini¬ 
tial swing is a little to the other side of the zero-line and note the new 
swing; from these two readings estimate where the rider should be to give 
no swing. This method of making two trials on both sides of the true 
weight is more rapid and more accurate than a’ttempting to place the 
rider where the swings will be exactly the same as in making the zero¬ 
reading. For very precise work, however, weights should be made by 
the method of swings, and corrections should be made for balance arm 
error and for buoyancy due to air. The weights should be carefully 
calibrated. 

Single Deflection Method. — Adjust the balance so that the pointer 
swings 3 or 4 divisions to the right when the pan support is released and 
rests on this side of the zero-reading on the scale. In weighing, add 
weights until this same deflection is obtained on releasing the pan 
support. This method of weighing is rapid but is inapplicable to 
a balance which has a single release operating both beam and pan 
supports.* 

Method of Swings. — First of all determine the zero-reading of the 
balance by setting the beam in motion (without any load in either 
pan), observing and recording the turning-points, or extreme positions, 
of the pointer on the scale of an even number of complete swings and 
take the mean of the readings. The first complete swing may be inac¬ 
curate on account of the jar in shutting the balance door, etc. Re¬ 
member that a complete swing starts and ends on the same side, so that 
for an even number of complete swings an odd number of readings must 
be taken. In order to give the same algebraic sign to all the observed 
readings it is best to number the divisions on the scale from left to right 
from 0 to 20 so that the zero-point in case both balance arms were of 
equal length and weight would be numbered 10. It is to be noted that 

the sensibility is lowered by increasing the load in the balance pans, partly because 
the beam becomes slightly distorted and the center of gravity is lowered, but if the 
three bearings are exactly in the same plane, and the beam is absolutely rigid, the 
center of gravity will rise, but never reach the level of the middle knife-edge, so 
that increasing the load will then increase the sensibility. 

* Brinton, J. Am, Chem, Soc., 41, 1151 (1919). 
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when the zero-reading (the point of the scale at which the pointer rests 
when the balance is in equilibrium with nothing in either scale pan) 
coincides with the zero of the scale, it may change during the course of 
the day, so that disregard of this fact may lead to a considerable error. 
The cause of the displacement of the zero-reading is that the first con¬ 
dition for the accuracy of a balance is not fulfilled. On account of 
unequal warming the arms become of unequal length. 

The next thing to be determined is the sensitiveness of the balance 
for the object to be weighed. For this purpose place the object in 
the left balance pan and weights in the right pan until equilibrium is 
established as nearly as possible and determine the rest point of the 



pointer on the scale in the same way that the zero-reading was made 
above. Add or remove an additional weight of 1 mg. by means of the 
rider, and determine the rest point again. 

The difference (d) between this and the previous point of rest gives 
the sensitiveness of the balance. Assuming the zero-reading to lie at 
10.22, the first rest, obtained with a load of 19.723 g, to be at 9.80, 
and the rest point with a load of 1 mg less (with a load of 19.722 g) to lie 
at 12.32, then the sensitiveness of the balance will amount to 12.32 
— 9.80 = 2.52 scale divisions. 

As the zero-reading of the balance was at 10.22 and the rest point 
with a load of 19.723 g was 9.80, it follows that the object was lighter 
than the weights in the right-hand pan, and in fact the excess of weights 
in the pan was sufficient to move the point of rest 10.22 — 9.80 = 0.42 
of a division on the scale. This amount can be calculated from the 
determination of the sensitiveness of the balance as follows: 

Since 2.52 of the scale divisions correspond to 1 mg, then 0.42 of a 

0 42 

scale division corresponds to = 0.17 mg, or about 0.2 mg. 

The true weight of the body in air is consequently 19.723 -- 0.0002 « 
19.7228* g. 

* As most analytical balances will scarcely detect with certainty less than ^ 
mg, the weight is expressed only to the fourth decimal. If the fifth decimal place 
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In making a weighing one should always accustom himself to note the 
observations methodically, as follows: 

Assume that a platinum crucible is to be weighed. 


Zero-Roading 

I. Rest Point with Load of 
12.052 g 

II. Rest Point with Load of 
12.053 g 

Left 

Right 

I.eft 

Right 

Left 

Right 

4;2 

17.6 

5.8 

18.7 

3.5 

15.8 

4.6 

17.1* 

6.2 

18.3 

3.8 

15.4 

5.1 


6.6 


4.2 


Sum =13.9 

34.7 

18.6 

37.0 

11.5 

31.2 

Mean = 4.63 

17.35 

6.2 

18.5 

3.83 

15.60 


4.63 


6 2 


3.83 







Slim of both mpariR = 21 1 


24.7 


19.43 

Mean 

= 10.99 


12.35 


9.71 


Sensitiveness = 12.35 9.71 == 2.64 scale divisions. 


12.35 — 10.99 = 1.36 scale divisions. 

1.36 : 2.64 - 0.5 mg. 

Weight of crucible - 12.052 + 0.0005 = 12.0525 g. 


The sensitiveness of a balance varies slightly with the load. It is 
simplest to determine once for all the sensitiveness for 50 g, 20 g, 10 g, 
5 g, and 2 g, place a card in the balance with the resiilts obtained, and 
use the numbers as required. 

In this way the sensitiveness of a balance 


with a load of 

50 g 
20 “ 

10 “ 

5 “ 

2 “ 


was found to equal the following 
number of scale divisions 
2.23 
2.28 
2.64 
2.66 
2.66 


The determination of the zero-reading, however, must be mawle with 
every weighing. If a number of weighings are to be made one after an¬ 
other it sufiBces to determine the zero-point at the beginning and at the 
end and to use the mean of the two determinations. With very heavy 
loads, however, the zero-reading should be determined before and after 
each weighing and the mean value used. 


in a calculation amounts to five or more, the number in the fourth decimal place is 
increased one. 
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Balance-Arm Error 

Both of the preceding methods of weighing are subject to a constant 
error if the lengths of the balance arms are not exactly the same. Such 
an error can be corrected by the following method of indirect weighing. 
The balance beam may be regarded as a lever with the fulcrum in the 
middle. In a lever, equilibrium results when the statical moments are 
equal. By statical moment is understood the product of the force and 



the length of the lever-arm, and the length of the lever-arm is the per¬ 
pendicular distance from the axis of revolution (the fulcrum) to the 
line of action of the force. 

Borda’s Method of Weighing by Substitution 

Place the object Q in the left pan and counterbalance or tare it by 
means of shot, sand, or weights. Then remove Q and establish equilib¬ 
rium again by placing weights in its place. We have, then, as a result 
of the first weighing, 

Ql = Th 

and from the second weighing, 

PI = Th 

from which it follows; 

Ql = PI 
Q^P 

This method is used chiefly in weighing large objects. 

Ratio of Lengths of Balance Arms 

In a perfect balance of the type used in the chemical laboratory, the 
two arms of the beam are equal. Most balances are not perfect and 
there is usually a slight difference in the lengths of the arms. If r is 
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the length of the right arm and I that of the left arm, then the true 
weight, t£?o, of an object is the apparent weight Wa, as obtained by weigh¬ 
ing it in the usual manner, multiplied by the arm ratio. 

r 

Wo = Waj 

If the true weight has been determined for an object of suitable size 
(such as that of about half the load which the balance is designed to 

bear) then the arm ratio ^ can be determined from the above equation 

and used as a correction factor. The ratio should be expressed to the 
fifth decimal. 

Double Weighing 

Place the object Q on the left pan and balance it against weights on 
the right pan. When equilibrium is reached 

Ql = WiV 

when Wi represents the weights used, I the length of the left balance 
arm, and V the length of the right arm. Transfer the object to the 
right balance pan and balance it with weights on the left pan. Then, 
if W 2 represents the necessary weights, 

QV = W 2 I 

Multiplying the first equation by the second one we get 

QW = WyW 2 ll' or Q2 = W 1 W 2 and Q = VW 1 W 2 

If the balance is perfect, Wi will be the same as TT 2 and with any good 
balance the difference between the two values will be small; in such 
cases the algebraic mean is practically the same as the geometric mean 
so that no sensible error is caused by assuming that the true weight is 

Wi + W2 

2 

Reduction of Weighings to Vacuo 

When a substance is immersed in water it experiences a buoyant 
or floating effect. Its true weight is diminished by the weight of 
water that it displaces. In exactly the same way, an object weighed in 
air against brass weights is buoyed up by the air that it displaces, but 
the weights are also subject to the same effect. If brass is weighed in 
air against brass weights, the buoyancy will be the same on both 
sides of the balance and the weight will be the same in a vacuum as 
in the air. If a material of lower density is weighed against brass, the 
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weight in a vacuum will be greater than the apparent weight in air, and 
conversely if a denser material such as gold is weighed with brass 
weights, the weight in a vacuum will be smaller than the weight in air. 

The degree of precision attainable in the buoyancy correction de¬ 
pends upon the precision with which the volumes and the density of 
air can be determined. In the case of the weights, several materials 
are used in the construction of every set. The larger weights may be 
gold, gold-plated, or brass, and the smaller weights may be of platinum, 
German silver, or aluminum. Moreover, many brass weights have 
interior cavities with enclosed air. The chemist does not need to take 
these facts into consideration and can assume that all his weights are of 
solid brass, as will be explained later. The density of the air varies 
with the temperature, moisture and carbon dioxide content, barometric 
pressure, and the value of gravity. Since, however, in chemical work 
relatively small volumes of materials are used for the weighings, it is 
not necessary to consider slight variations in these factors. 

Ordinarily, the weight of 1 ml of air at room temperature is assumed 
to be 1.2 mg,* and the density of brass weights is assumed to be 8.0. 

If di denotes the density of the object weighed, d^, the density of the 
weights, p the weight of 1 ml of air, po the weight in vacuo, and p the 
weight in air, the weight in vacuo can be found by the following formula 



If the density of air is assumed to be 0.0012, which is accurate to only 
two significant figures, and the density of the substance is given to only 
two significant figures, not more than three significant figures should be 
used in the value of po and p in the parenthesis. In this formula, 
therefore, po can be replaced by p, and we have 



The use of the above formula can be illustrated by a simple example. If a plati¬ 
num crucible weighs 15.6964 g in the air with brass weights, what would the crucible 
weigh in a vacuum? In this case, p = 15.6954, di » 8.4, and di = 21.4. Substitu¬ 
ting these values in the formula we have 

Po ■= 15.6964 + - ^)o.0012 = 16.6964 + (0.744 - 1.87)0.0012 = 15.6937 

* The actual weight in milligrams of 1 ml of air varies with the temperature and 
pressure as the following table shows. 


16“ 20“ 22“ 24“ 26“ 28“ 

730mm. 1.17 1.16 1.14 1.13 1.12 1.14 

760mm. 1.20 1.18 1.17 1.16 1.16 1.14 

770mm. 1.23 1.21 1.20 1.19 1,19 1.18 
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It would be a waste of time to try to get the value of the parenthesis with greater 
accuracy unless the density of the materials is known with greater precision than is 
assumed here. Note, however, that the value of p on the previous page was given 
in milligrams but is used here in grams. 

The student will naturally ask at this point why so much emphasis has been placed 
upon brass weights and why it is assumed that the weights are of brass even although 
they may be gold-plated or made of platinum. If a set of weights is sent to the 
Bureau of Standards for calibration and is to be used for very precise work, the 
Bureau will furnish a certificate which will have two series of corrections. One 
series will refer to the apparent mass as found by comparison with brass standards 
in air. The other series will make full allowance for the buoyant effect of the air 
and will refer to the true mass of each weight. Since the chemist does his weighing 
in the air he is interested only in the first set of corrections. With these corrections, 
the weight obtained in the air is that which would be obtained if the weights were 
of brass. 

To make this point clear, it may be repeated that the larger weights may be 
gold-plated and some of the smaller weights may be of platinum and the smallest 
may be of aluminum. The chemist wants his 10-mg weight to represent exactly 
1/100 of his gram weight when the weighing takes place without any allowance for 
the buoyant effect of air. This is accomplished by comparing the weights against 
brass standards in the air. In other words, the 10-mg weight although it may be 
made of aluminum will represent, when used in the air, exactly 1/100 of a standard 
brass weight, but its true mass will be more than 10 mg. 

Calibration of a Set of Weights* 

A set of weights as furnished by the maker cannot as a rule be relied upon closer 
than to 0.5 mg for weighings of about 1 g. For exact work in absolute weighing 
it is necessary to determine not only the relative errors of the weights among them¬ 
selves but also the absolute error of the set by comparing one of the largest pieces 
with a standard weight. 

Weights are tested by the U. S. Bureau of Standards upon application and the 
payment of a suitable fee. The Bureau of Standards recognizes six classes of weights. 
Class T are ordinary trade weights which are not tested by the Bureau except when 
there is no local authority to whom they can be submitted, or in the event of an 
important controversy. The laboratory weights used for rough weighings usually 
belong to this class. Class C weights are more accurate than those of Class T, and 
the permissible errors are only one-tenth as much. Classes A and B have allowable 
errors of about one-fifth as much as Class C, but the correction for each weight of 
Class A is determined accurately so that allowance for this error can be made in 
using the weight. 

For the more precise weighings of the chemical laboratory, weights of Class S 
should be used. Class M weights are recommended for scientific work of the 
highest possible precision, but when the corrections for each member of a Class S 
set of weights is known, the set can be used with practically the same accuracy as 
a Class M set. 

* It is well that each student should calibrate the set of weights furnished him. 
Many good teachers make this the first laboratory problem of a course in quantitative 
analysis. If the calibration of the weights is postponed to a later period, the student 
is likely to get more work done in the course. 
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The analytical chemist rarely needs to know the absolute weight of anything. 
Almost all his work is expressed in percentages of an original weight taken. If 
every weight in the box were exactly twice as heavy as it is marked, the results of 
analysis would be the same, provided such a set of weights were used exclusively, as 
if each weight were correct. The chemist, therefore, is much more interested in 
knowing the relation of the weights to one another than in knowing the at^tual error 
of any particular pie(!e. A set of weights calibrated in terms of any weight of the 
set is satisfactory for the purposes of exact quantitative analysis. 

The following method of calibrating a set of weights is essentially that recom¬ 
mended by T. flichards* except that errors due to unequal length of the bal¬ 
ance arms are eliminated by double weighing rather than by Borda’s method of 
substitution, t 

The calibration starts with the smallest weight in the set, which is assumed here 
to be the 10-mg piece. As a temporary standard, it is assumed that one of these 
10-mg pieces is correct and the value of every other piece in the set is obtained in 
terms of it. The weighings are best made by the method of swings, taking three 
pointer readings at the left of the zero-mark on the scale and two on the right, 
as described on p. 7, To make sure that the corrections obtained are correct to the 
nearest 0.1 mg it is advisable to compute each correction to one more decimal place, 
although this last figure will not be very ac^curate. 

Procedure. — Mark the different weights of the same denomination 
by light scratches so that they are recognizable and always keep them 
in the same order in the box. If the balance is of the type in which the 
rider can be used only on the right balance arm, place a small permanent 
load in the left balance pan so that the rider will be near the middle of 
the arm when the weighings are made. Thus, if the rider scale reads 
up to 10 mg, place a 5-mg weight on the left pan and keep it there. 

Place one of the 10-mg weights on the left scale pan and a similar 
weight on the right pan. If the set has only one such weight, borrow 
from another set. Place the rider at the 4.5 division if the 5-mg per¬ 
manent load is used, and determine the rest point of the pointer on the 
bottom scale exactly as described on p. 7. Then move the rider exactly 
one whole division away from its first position so as to bring the rest 
point on the other side of the zero-point of the pointer scale. Thus 
with a 5-mg permanent load it ought to be the 5.5 division on the rider 
scale. Determine the rest point that corresponds to this position of the 
rider, and from these two sets of observations compute the position, ri, 
corresponding to the zero-point (see p. 7). Now transpose the 10-mg 
pieces so that the temporary standard is on the right balance pan and 
repeat the process of determining the rest points corresponding to two 
positions of the rider exactly 1 mg apart. From these observations, 

* J. Am. Chem. Soc.^ 22, 144 (1900). 

t Cf. Hopkins, Zinn, and Rogers, J. Am. Chem. Soc.^ 45, 2528 (1920); Hopkinfi, 
Quill, and Selwood, ibid.j 60, 2929 (1928); and P. F. Weatherill, ibid., 52, 1938 
(1930). 
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compute the position of the rider, corresponding to the zero-point of 
the scale. The weight of the second 10-mg piece in terms of the tem¬ 
porary standard is 


10 + 


r2 - n 


2 


The correction value may be either positive or negative. 

If there is a third 10-mg weight in the set, as sometimes happens, test 
it in the same way. 

Now place the first two 10-mg pieces on the left balance pan and place 
a 20-mg piece on the right pan. Proceeding exactly as before, determine 
the position of the rider corresponding to the zero-point on the pointer 
scale, and call this r^. Transpose the weights and determine n in the 
same way. The weight of the 20-mg weight in terms of the temporary 
standard is 


20 + 



n - n 


2 


Continue the process until finally every weight in the box has been 
tested. To test the rider, compare it with the 10-mg piece originally 
used as the standard. If the balance used is a short-armed balance 
taking a 5-mg or 6-mg rider, compare it with a 5-mg weight. In such 
cases use this 5-mg weight as the temporary standard. 

The calibration values obtained up to this point correspond to those 
given in the second column in the table on p. 16. Prepare such a table. 

The values thus computed are consistent among themselves but 
are usually quite different from the face values of the individual weights. 
This is because the original standard is too small. It is better to as¬ 
sume that one of the larger weights is correct and, in fact, this may be 
compared with a weight that has been standardized by the Bureau of 
Standards at Washington, although this is wholly unnecessary for most 
purposes. From the assumed, or corrected, value of one of the larger 
weights, compute what the corresponding calibration correction should 
have been for each of the smaller weights. Thus if the calibration 
correction for the 10-g weight was found to be +0.01768 g and it is 
now assumed to be correct, the 1-g weight stands in its proper relation 
to the 10-g weight if its calibration correction was found to be +0.00177 
g. If its calibration correction was found to be less, then the weight 
is too light and a negative correction should be applied in using it. 

The following table shows all the data and the results obtained in a 
typical standardization. In the first column the weights are named by 
their face values. In the second column the calibration values are 
given as obtained with one of the smallest weights as standard of com- 
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parison. These values are copied from a notebook in which each de¬ 
tail of each weighing was recorded. The third column gives the ideal 
value of each weight when the 10-g piece is taken as the permanent 
standard, and the fourth column gives the correction that must be 
applied to each weight. 

CALIBRATION OF WEIGHTS 


Face Value in Grama 

Calibration Value 

Ideal Calibration Value 

Correction in Milligrams 

0.01 

Temporary Standard 

0.01002 

- 0.02 

0 or 

0.01000 

0.01002 

- f 0.04 

0 . 01 " 

0.01005 

0.01002 

+ 0.03 

0.02 

0.02005 

0.02004 

+ 0.01 

0.05 

0.05009 

0.05009 

0.00 

0.1 

0.10019 

0.10018 

+ 0.01 

or 

0.10020 

0.10018 

+ 0.02 

0.2 

0.20035 

0.20035 

0.00 

0.5 

0.50088 

0.50088 

0.00 

1 

1.00183 

1.00177 

+ 0.06 

2 

2.00383 

2 . 003.54 

+ 0 . 2 P 

2 ' 

2.00368 

2.00354 

+ 0.14 

5 

5.00884 

5.00884 

0.00 

10 

10.01768 

10.01768 

Final Standard 

10 ' 

10.01740 

10.01768 

- 0.28 

20 

20.03520 

20.03536 

- 0.16 

50 

50.08790 

50.08840 

- 0.50 


Prepare a card from the individual corrections to show the corrections 
which should be applied to the usual combinations from 0.01 to 1.00 g 
and from 1 g upward, and keep this card in the balance case. In an 
ordinary gravimetric analysis, record the weights as follows: 


Weight crucible + substance 


Weight crucible alone 


Observed 

Weight 

19.3105 

16.9916 


Corrected 

Milligram 

[+ 0.391 



Corrected 

Weight 

19.3109 

16.9917 


Weight of substance 


2.3192 


The upper correction is that of the weights of 1 g and over; the lower 
is that of the fractional weights. 

Weighing Samples of Factor Weights. — In a busy laboratory it is 
often desirable to weigh out samples in such a way that the results of 
the analyses are known with as little computation as possible. Thus 
if the iron content of a sample weighing 0.6994 g is determined by weigh¬ 
ing ferric oxide, FejOa, the percentage of iron, Fe, is exactly 100 times 
the weight of the oxide. If 1 ml of standard hydrochloric acid will 
neutralize 0.028 g of pure sodium carbonate, then the percentage 
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purity of a sample of sodium carbonate, containing no other substance 
of basic nature, will be just twice the number of cubic centimeters of 
acid used in the analysis of samples weighing 1.4 g. In every technical 
laboratory, therefore, the chemist has to learn to weigh out rapidly 
samples of specified weights. If the sample is a dry powder, unaffected 
by contact with the air, it can be weighed out on a watch g|ass. It 
is convenient to have a pair of counterpoised watch glasses for this 
purpose, i.e., a pair of watch glasses which weigh so nearly alike that 
they can be balanced with the aid of the rider. 

Place on the left balance pan the watch glass which is to hold the 
substance and on the right pan place the tare of the watch glass and 
additional weights amounting to the desired quantity. With the aid 
of a small spatula, or a palette-knife, transfer some of the powder to 
the watch glass in the left pan, until the pointer swings to the right 
with the beam lowered slightly so that the pointer can swing but a little 
way, ♦ Raise the beam, remove a little of the powder, and, with the 
beam again lowered a little, add more powder by tapping the spatula. 
By repeating this process once or twice and finally testing with the 
balance beam altogether lowered, it is possible to get any desired weight 
within one or two tenths of a milligram. In chemical work it is a waste 
of time to try to make the original weight much more accurate than the 
rest of ‘ the analysis. Thus in determining the carbon content of a 
sample of steel with approximately 1 per cent of carbon present, the 
results of duplicate analyses with equal weight samples would be con¬ 
sidered satisfactory if they indicated 1.00 and 1.01 per cent of carbon. 
In other words, errors arising from lack of homogeneity and inaccuracies 
in the method of analysis may easily amount to 1/100 of the total carbon 
content. An error of 0.01 g in the weight of a gram sample of the steel 
would be no greater than the allowable error of the analysis. In weigh¬ 
ing out the sample, therefore, if the weight is accurate to the nearest 
centigram the error is less than that of the remainder of the work. On 
the other hand, in determining the chlorine content of a sample of salt 
weighing about 0.25 g it is important to get the weight to the nearest 
tenth of a milligram because the chlorine determination can be accom¬ 
plished with an accuracy of one part in one thousand with samples of 
this size. 

Reliability of a Result.* — In order that the result of any measure¬ 
ment may be of scientific or technical value, it is desirable to have some 
numerical estimate or measure of its validity. By the accuracy of a 
result should be understood the degree of concordance between it and 

* The following discussion is based upon H. M. Goodwin’s Elements of the Precisian 
of Measurements, 
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the true value of the quantity measured. The true value is not usu¬ 
ally known so that it is not always possible to obtain a numerical meas¬ 
ure of the absolute accuracy of a measurement or analysis. By the 
'precision or precision measure of a result is understood the best numer¬ 
ical measure of its reliability after all known sources of error have been 
eliminated or allowed for. 

When any quantity is measured to the full precision of which the 
instrument or method is capable, it will usually be found that the 
results of repeated measurements do not agree exactly. Thus in the 
analysis of pure salt, the chlorine content will not always be found to 
be exactly 60.66 per cent although we may have reason to believe that 
this is the correct value. 

All that we can hope to obtain from experimental data is the most 
probable value of the quantity or quantities in question. The branch 
of mathematics which treats of the general problem of the adjustment 
of errors of observation so that their effect upon the final result is re¬ 
duced to a minimum is called least squares. According to the theory, 
the most probable values of a series of related observations are those 
for which the sum of the squares of the errors is a minimum. Here 
is not the place to go into the details of the mathematical proofs of 
the method of least squares, but it is important that every chemist 
should keep constantly in mind certain deductions that have been made 
from such studies. 

In a series of observationsy all of 'which possess an equal degree of prob^ 
ability, the most probable value of the quantity is the arithmetical mean. 
Since the true value of the quantity is not known in most cases, the 
error of each determination and of the mean cannot be determined. 
It is possible, however, to state how far each observation differs from 
the mean value, and from these differences the probable deviation of the 
mean can be estimated. The average deviation of the mean, usually 
designated as ad, is determined by dividing the sum of the deviations 
from the mean by the number of determinations made. The ad may 
be regarded as a numerical measure of the amount by which a new 
observation is likely to differ from the mean value, m. 

Since the mean has a higher degree of probability than any single 
observation, it should have a smaller deviation from the truth. It 
can be shown that an arithmetical mean computed from n equally 
reliable observations is \/n times as reliable as any one observation. 
The deviation of the mean is usually denoted as AD. According to 
the statement just made, 


ad 
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A little study of this expression shows that it does not pay to increase 
the number of observations beyond a certain limit as the time and labor 
involved soon become excessive. 

It is probable that more than half the time spent on chemical and 
physical computations is wasted owing to the retention of more figures 
than the precision of the data warrants. The habit should be acquired 
of rejecting at each stage of the work all figures which have no influ¬ 
ence on the final result. In the following rules for computation the 
term digit denotes any one of the ten numerals including the zero, and 
the term signifwant figure is any digit which denotes or signifies the 
amount of the quantity in the place in which it stands. Thus a zero 
may or may not be a significant figure. When it is used merely to 
locate the decimal point as in the values 1000 and 0.001, the zero is 
not a significant figure, for the position of the decimal point is deter¬ 
mined solely by the unit in which the quantity is expressed. There 
are two significant figures in the value 2.5 mg even when it is written 
0.0025 g. The number of decimal places in a result has in itself no 
significance in indicating the precision of a measurement. The state¬ 
ment that the results of an analysis agree within 1.2 mg gives no idea 
of the precision unless the entire value is known. A fractional or per¬ 
centage precision measure, on the other hand, gives a definite idea of the 
precision of the measurement as it involves both the value of the quan¬ 
tity and its average deviation. 

Rules for Computations 

Rule /. In rejecting superfluous figures, increase by 1 the last fig¬ 
ure retained if the following figure (that has been rejected) was 5 or 
over. 

Rule II. In all deviation and precision measures retain two, and 
only two, significant figures. 

Rule III. Retain as many figures in a mean result, and in data, 
as correspond to the second place of significant figures in the deviation 
or precision measure. According to this rule, two places of unreliable 
figures are retained in data so that accumulated errors due to rejections 
in the course of computation will not affect the first place of uncertain 
figures. Or, looked at from another point of view, the last figure may 
be regarded as quite unreliable but the next to the last significant 
figure should not vary by more than one or at the most two units from 
the mean. 

Rule IV. The sum or difference of two or more quantities cannot 
be more precise than the quantity having the largest deviation. In 
adding or subtracting quantities, find the ad of each and retain in 
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each quantity as many places as correspond to the second place of sig¬ 
nificant figures in the quantity with the largest deviation. 

Rule V. In multiplication or division, the percentage precision of 
the product or quotient cannot be greater than the percentage pre¬ 
cision of the least precise factor entering into the computation. Hence, 
determine the percentage precision of the least reliable factor. If this 
is about 10 per cent or better, use three significant figures in each factor 
of the computation and in the final result. If 1 per cent or better, use 
four significant figures in each factor of the computation and in the 
final result. If 0.1 per cent or better, retain five significant figures. 

For computations involving a precision not greater than about 0.25 
per cent use a 10-inch slide rule. 

Rule VI. In carrying out the operations of multiplication and di¬ 
vision by logarithms, retain as many places in the mantissa of the log¬ 
arithm of each factor as are properly retained in the factors themselves 
under Rule V. 

In ordinary chemical work the percentage precision of the result is 
often less than 0.1 per cent. Thus, in the determination of the chlorine 
content of a sample of pure salt weighing about 0.2 g, check values of 
60.60 and 60.72 per cent chlorine would usually be considered satis¬ 
factory, This corresponds to a percentage precision of 0.12 part in 
61.0 or 0.2 per cent. According to the above rules, only four figures 
should be retained in all factors entering into this computation, and 
four-place logarithms should be used. In the computation, the mo¬ 
lecular weight of silver chloride should be taken as 143.3 instead of 
143.34. If, on the other hand, a series of determinations all gave value>s 
ranging between 60.63 and 60.69 per cent chlorine, one would be justi¬ 
fied in keeping five significant figures and using five-place logarithms. 
This would not necessarily mean that the original weight of the salt 
and the final weight of the precipitate would have to be carried out to 
five significant figures because an error of 0.0002 g in about 0.2 g of salt 
would only correspond to 0.1 per cent of the entire weight. One would 
be justified, however, in recording the weights to five decimal places, 
using the method of swings. 

For most chemical work, four significant figures are suflScient. In 
some cases, as in the determination of sulfur in steel, or in the conversion 
of small volumes of a solution (less than 1 ml) into an equivalent vol¬ 
ume of some other solution, only two significant figures should be used. 
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Home Problems 

1. Find the weights in a vacuum of two crucibles, one of gold, d.19.3, and one of 
aluminum, d.2.7, each weighing 15.0000 g in air at 20° against brass weights. 

2. What would the gold crucible weigh in air against aluminum weights if the 
aluminum weights had the same actual mass as the brass weights mentioned in 
Problem 1? 

3. A substance weighs 14.9654 g in air against brass weights and has a volume 
of 2 ml. Find the weight in a vacuum. 

4. Calculate the weight in air to 0.1 mg from the following data; rest point 
without load in the pans, 0.8 division to the right of the zero-mark; rest point at 
1.2 to the right with the crucible in the left pan, 9.74 g in the right pan and the rider 
at 6.3 mg; rest point at 6.5 to the left with the rider at 7.3 mg. 

5. If a crucible weighs 12.3621 g with a balance of which the right arm measures 
76.00 mm and the left arm measures 75.94 mm, what correction should be applied 
to the apparent weight to allow for the balance-arm error? 

6. If the weight marked 5 g is found to weigh 5.0118 g on the assumption that 
the 10-mg weight is correct, what is the real mass of the former if the latter weight 
actually represents a mass of 9.92 mg? 

7. The beam of a balance is 160 mm long, and it weighs 34 g. If the pointer is 
230 mm long and 20 divisions on the bottom scale measure 25.04 mm, compute the 
distance of the center of gravity below the middle knife-edge, (a) When a load of 
1 mg moves to pointer to a point of rest 5 divisions to the left and (h) when a load of 
5 mg is required to give the same effect. Assume that the construction of the balance 
is perfect and that it moves freely without friction. 



CHAPTER II 

VOLUMETRIC ANALYSIS. APPARATUS AND UNITS 

The fact that silver chloride is practically insoluble in water is used 
as a basis of qualitative tests for both silver and chlorine and for the 
quantitative determination of both these elements. There are two ways 
in which this can be done. Thus the weight of the silver chloride pre¬ 
cipitate from a known weight of sample furnishes sufficient data for the 
computation of the percentage of chlorine present. Such an analysis 
is called gravimetric because the computation is based upon weights. 
The second way of carrying out the analysis is to measure the volume 
of silver nitrate solution required to precipitate completely all the 
chloride present. Then if the concentration of the silver nitrate solu¬ 
tion is known, the chlorine content can be computed. This is called 
volumetric analysis because the result is obtained by measuring a volume. 
For this purpose accurately calibrated measuring instruments are 
necessary. 


Measuring Instruments 

1. Burets are tubes of uniform bore throughout the entire length; 
they are graduated in milliliters* and are closed at the bottom, as shown 
in Fig. 4, by means of a glass stopcock, or with a piece of rubber tubing 
containing a glass bead h. The latter form was devised by Bunsen and 
is used as follows: Seize the tubing between the thumb and forefinger 
at the place where the glass bead is, and by means of a gentle pressure 
at the top of the bead, form a canal at one side of the bead through which 
the liquid will run out. Instead of the glass bead an ordinary pinch- 
cock is sometimes used. 

Besides the above forms of burets, a great many others are in use, 
but it is unnecessary to describe them here. 

2. Pipets. — A distinction must be made between a transfer pipet and 
a measuring one. A transfer pipet has only one.mark upon it, and 
serves for measuring off a definite amount of liquid. Transfer pipets 
are constructed in different forms; usually they consist of a glass tube 

* The liter as defined by the U. S. Bureau of Standards represents a volume of 
1000.027 cubic centimeters. The one-thousandth part of a liter is called the milli¬ 
liter, abbreviated ml. It is almost but not quite the same as a cubic centimeter, or oc. 
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with a cylindrical widening at the middle. The lower end is drawn 
out, leaving an opening about 0.5-1 mm wide. Pipets of this nature 
are constructed which will deliver respectively 1, 2, 5, 10, 20, 25, 50, 
100, and 200 ml. For delivering these definite volumes of liquid, 
pipets are more accurate 
than burets or flasks. 

Measuring pipets are buret¬ 
shaped tubes graduated in 
cubic centimeters and drawn 
out at the lower end. They 
serve to measure out any 
desired amount of liquid and 
are obtained with a total 
capacity of 1, 2, 5, 10, 20, 25, 
and 50 ml. 

3. Measw'ing flasks are 
flat-bottomed flasks with 
narrow necks provided with 
a mark, so that when they 
are filled to this point they 
will contain respectively 50, 

100, 200, 250, 300, 500, 1000, 
and 2000 ml. They serve 
for the preparation of stand¬ 
ard solutions and for the 
dilution of fluids to a definite 
volume. 

4. Measuring cylinders are 

graduated in milliliters and 
are used only for rough Fig. 4. 

measurements. 

It is clear that accurate results can be obtained by a volumetric 
analysis only when the instruments used are accurately calibrated. It 
should never be taken for granted that a purchased instrument is 
correct, but it should always be tested carefully. 

Normal Voliune and Normal Temperature 

A liter, which is the volume of a kilogram of water at its maximum 
density, is taken as the normal volume. If it is desired to mark on the 
neck of a liter flask the point to which this volume reaches, the position 
of the mark depends upon the temperature of the vessel. It is neces- 
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sary, therefore, to choose for the vessel itself a definite temperature, 
the so-called normal temperature. At present the temperature of 
+20® C is taken as the normal temperature by the United States 
Bureau of Standards. According to this, then, the flask should contain 
at 20® the volume that would be occupied by a kilogram of water at 
+4®, and as the kilogram is the unit of mass, the weighing should also 
take place in a vacuum. 

DENSITY OF WATER AT DIFFERENT TEMPERATURES* 


t 

Density 

t 

Density 

t 

Density 

0° 

0.999876 

14° 

0.999271 

28° 

0.996258 

1 

9926 

15 

9126 

29 

0.995969 

2 

9968 

16 

8969 

30 

5672 

3 

9992 

17 

8801 

31 

5366 

4 

1.000000 

18 

8621 

32 

5052 

5 

0.999992 

19 

8430 

33 

0.994728 

6 

9968 

20 

8229 

34 

4397 

7 

9929 

21 

8017 

35 

4058 

8 

9876 

22 

0.997795 

36 

0.993711 

9 

9808 

23 

7563 

37 

3356 

10 

9727 

24 

7321 

38 

0.992993 

11 

9632 

25 

7069 

39 

2622 

12 

9524 

26 

0.996808 

40 

0.992244 

13 

9404 

27 

6538 




* Thiesen, Scheel, and Diesselhorst, 1904. The values given represent the 
weight in grams of 1 ml of water with projKir allowance made for the buoyancy of 
air; in other words, it gives the weight which would be obtained if it were possible 
to weigh the water in a perfect vacuum. 


This experimental impossibility can be. overcome inasmuch as the 
weight of a liter of water is known accurately at temperatures other 
than +4®, and also the expansion of the glass with rise of tempera¬ 
ture, and the buoyancy which the weights and the water experience as 
a result of weighing in the atmosphere. The weights which must be 
placed upon the balance pan in order to determine the space occupied 
by a true liter of water, therefore, depend upon the temperature of the 
water and of the vessel, as well as the density of the air at the time of 
the experiment. The density of the air varies somewhat from day to 
day and depends upon the barometric pressure, the temperature, and 
the amount of moisture. It usually suffices, however, to assume the 
average values of these factors and in this way the accompanying table 
has been computed to show the apparent weight in air with brass weights 
for* temperatures between 15® and 30® under 50 per cent humidity and a 
barometer reading of 760 mm. 

If the glass vessel is at 20® no other correction is necessary. The 
glass, however, expands with rise of temperature. The coefficient of 
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cubical expansion* varies from 0.000023 to 0.000028 per degree C. An 
average value of 0.000025 can be assumed. 


APPARENT WEIGHT IN GRAMS OF WATER IN AIR 


Temp, in 
Degrees C 

1 

2000 ml 

1000 ml 

500 ml 

400 ml 

300 ml 

260 ml 

160 ml 

15 

1996.11 

998.05 

499.03 

399.22 

299 

.42 

249.52 

149.71 

16 

1995.80 

997.90 

498.95 

399.16 

299 

.37 

249,48 

149.68 

17 

1995.48 

997.74 

498.87 

399.10 

299 

.32 

249.43 

149.66 

18 

1995.13 

997.56 

498.78 

399.03 

299 

.27 

249.39 

149.63 

19 

1994.76 

997.38 

498.69 

398.95 

299 

.21 

249.34 

149.61 

20 

1994.36 

997.18 

498.59 

398.87 

299 

.15 

249.30 

149.58 

21 

1993.95 

996.97 

498.49 

398 79 

299 

.09 

249.24 

149.55 

22 

1993.51 

996.76 

498.38 

398.70 

299 

.03 

249.19 

149.51 

23 

1993.06 

996.53 

498.26 

398.61 

298 

.96 

249.13 

149.48 

24 

1992.58 

996.29 

498.15 

398.52 

298 

.89 

249.07 

149.44 

25 

1992.09 

996.04 

498.02 

398.42 

298 

.81 

249.01 

149.41 

26 

1991.57 

995.79 

497.89 

398.31 

298 

.74 

248.95 

149.37 

27 

1991.04 

995.52 

497.76 

398.21 

298 

.66 

248 88 

149.33 

28 

1990.49 

995.24 

497.62 

398.10 

298 

.57 

248.81 

149.29 

29 

1989.92 

994.96 

497.48 

397.98 

298 

.49 

248.74 

149.24 

30 

1989.33 

994.66 

497.33 

397.87 

298 

.40 

248.67 

149.20 


In order to determine the exact volume of a vessel by weighing the 
water it contains, we must therefore make allowance for the expansion 
of the water (which makes a given volume lighter), for the buoyancy of 
air (which makes a given weight of water lighter than it really is if the 
weighings are made with brass), and for the expansion or contraction of 
glass if the temperature is other than 20°. Since the first two corrections 
are in the direction that makes a liter of water weigh less and the correc¬ 
tion for the expansion or contraction of the glass is almost negligible, it 
is evident that the number expressing the weight of a definite volume of 
water in grams will always be smaller at laboratory temperatures than 
the volume expressed in milliliters. Moreover, the dilBference between 
these numbers at temperatures ranging from 15° to 30° will vary from 
2.1 to 4.8 units or from 0.21 to 0.41 hundredths of 1 per cent of the 
total weight. In testing calibrated glass liter flasks, where the volume 
is substantially correct, the accompanying table shows the number to 

* At first sight it may seem strange to consider the cubical expansion of glass in 
calibrating. If, however, we consider a cube of glass with a cavity cut in it of 
10-cm edge, then on heating it the cavity will expand to the same extent as if the 
glass had not been cut out. We measure, therefore, the cubic expansion of glass 
which has been removed in order to find the change in volume of a glass measuring 
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add to the apparent weight in grams of the water in air (with brass 
weights) to give the correct volume in milliliters. 

VOLUME OF ONE LITER FROM THE APPARENT WEIGHT OF WATER 


Temp, 

Add 

Temp. 

Add 

Temp. 

Add 

Temp. 

. 

Add 

15° 

2.07 

19.0 

2.65 

23.0 

3.40 

27.0 

4.31 

15.5 

2.13 

19.5 

2.73 

23.5 

3.50 

27.5 

4.43 

16.0 

2.20 

20.0 

2.82 

24.0 

3.61 

28.0 

4.56 

16.5 

2.27 

20.5 

2.91 

24.5 

3.72 

28.5 

4.69 

17.0 

2.34 

21.0 

3.00 

25.0 

3.83 

29.0 

4.82 

17.5 

2.41 

21.5 

3.10 

25.5 

3.95 

29.5 

4.95 

18.0 

2.49 

22.0 

3.19 

26.0 

4.06 

30.0 

5.08 

18.5 

2.57 

22.5 

3.29 

26.5 

4.18 




This table can be used also for testing other volumes such as that of a 
500-ml flask, a lOOml flask, or a 50-ml pipet, using the proportionate 
fraction of the above values. Thus in testing a buret by weighing 10-ml 
portions, add the above values in centigrams to the weight in grams, and 
the sum will show the volume in milliliters. 


The above table is useful, but the student should know how to make the corrections 
without the table; the following example will show how this can be done. 

Problem. — Compute the volume at the standard temperature of 20° of a glass 


measuring flask from the following data: 

Weight of flask filled to the mark with water at 24°. 1136.40 g 

Weight of the flask empty. 140.58 

Density of water at 24°. 0.99732 

CoefiScient of cubical expansion of glass, per degree. 0.000025 

' Density of weights, 8.4. Weight of 1 ml of air at 24° and 

760 mm. 0.00116 g 


Reduction to Vacuum. — Since the flask is weighed twice under the same condi¬ 
tions, it is unnecessary to correct its weight for the buoyancy due to air, but the 
observed weight of water, 1136.40 -• 140.58 == 995.82 g, needs correction. In making 
the buoyancy correction only two significant figures are reliable here because the 
density of the weights was not given with greater accuracy. The volume of air 
displaced by the water is very nearly 1000 ml and that of the air displaced by the 
weights is 1000/8.4 == 120 ml. The buoyancy correction is, therefore, the weight 
of 880 ml of air; 880 X 0.00116 = 1.02 g. The water in the flask would weigh 
995.82 -h 1.02 ~ 996.84 g, if the weight could be made in a perfect vacuum. 

Correction for Glass Expansion. — The capacity of the flask increases from 20° 
to 24° to the same extent that glass would expand if it were present in the space 
occupied by the water, namely 1000 X 0.000025 X 4 — 0.10 ml. Therefore, the 
volume will be 0.10 ml leas at 20° than it is at 24°, and the weight of the water would 
be 996.84 - 0.10 = 996.74 g. 

Computation of the True Volume. — Since the density of water at 24° is given as 
0.99732 g, 11 should weigh 997.32 g and a volume of 996.74 g corresponds to 


996.74 

0*99732 


999.42 ml 
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This checks well with the value to be obtained by using the table on p. 20 according 
to which 3.61 g should be added to the apparent weight in air; 995.82 +3.61 * 
999.43. 


Calibration of a Buret 

A buret will not drain properly unless it is clean on the inside so that 
visible drops of liquid do not adhere to the sides when the liquid is with¬ 
drawn. “ Cleaning solution/' made from potassium dichromate and 
concentrated sulfuric acid, is efficient for cleaning burets and other glass 
apparatus. Dissolve 2 g. of potassium dichromate in 5 ml of water, 
heating till the salt has all dissolved, cool the solution and add slowly, 
while stirring, about 65 ml of concentrated sulfuric acid. Consider¬ 
able heat is evolved on adding the acid to the water. Fill the buret with 
the hot chromic acid solution and allow it to stand 15 minutes or longer. 
Since this cleaning solution attacks rubber, it is best to remove the 
rubber tubing from the end of a Mohr or plain buret and force the end 
into a medium-sized cork stopper. Place a beaker under the buret 
while it is standing with the cleaning solution in it. 

After 15 minutes, let the solution run out and rinse out the buret 
at least four times with water. Then test to see if water drains freely 
without leaving drops adhering to the sides; if so, the cleaning process 
must be repeated. The cleaning solution can be kept and used re¬ 
peatedly. It should be warm but not boiling hot when being used. 
Before pouring the used cleaning solution down the sink, remember to 
start the water running freely so that the acid will be largely diluted ai^d 
will not attack the piping. 

Remove the stopcock of the glass-stoppered or Geissler buret, wipe 
it dry and also wipe the inside of the ground joint in the buret. Smear 
the surface with stopcock lubricant,* and replace in the buret. Fasten 
the stopcock in place with some No. 24 copper wire. 

Fill the buret with distilled water and make sure that the water ex¬ 
tends to the very tip of the stopper with no air bubble there. To re¬ 
move the air from a plain buret, raise the tip so that it is above the bot¬ 
tom of the glass tube and allow water to run out from the upturned tip; 
the lighter air tends to flow upward. The buret is now ready to be 
calibrated. Drain out water so that the upper level is close to the zero- 
mark. 

Weigh a 50-ml, flat-bottomed, narrow-necked flask to the nearest 

* Vaseline can be used as lubricant but is a little thin. Lubrisealj sold by the 
A. H. Thomas Co. of Philadelphia, is better. A good lubricant can be made by 
melting together on the water bath, 16 parts of vaseline, 8 parts of pure gum rubber, 
and 1 part of paraffin. 
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centigram. The outside of the flask must be dry but it is not necessary 
to have the inside dry or cleaned with chromic acid solution. It is a 
waste of time to read the weight closer than to the nearest centigram, 
because one cannot read the buret closer than to the nearest 0.01 ml, 
and rapid weighing is advantageous to avoid error due to evaporation. 
Record the weight in the notebook. (See below.) 

Read the buret to the nearest 0.01 ml, and record the reading. Check 
each weight and each reading after setting them down in the note¬ 
book. In reading the buret, it is best to read the bottom of the menis¬ 
cus, except with dark-colored liquids like potassium permanganate 
solution, in which case the top of the meniscus should be read. It is 
important that the eye should be directly opposite to the point read. If 
the eye is above the meniscus, the reading will be too high, and if the 
eye is too low the reading will be low. To avoid such parallax errors, 
the Bureau of Standards has asked the makers of burets to make the 
lines complete circles; the position of the eye is correct when the circle 
nearest to the bottom of the meniscus appears to be a straight line. 
When all the lines are circles, it is a little confusing to some eyes, so that 
some chemists prefer to use burets in which the lines of graduation do 
not extend very far and with lines of different lengths so that one can 
readily distinguish the whole and half milliliter lines. In such cases, it is 
well to take a strip of blue glazed paper with a straight and smooth 
edge. Wrap this strip around the buret evenly, with the colored edge 
on the inside. If the paper is placed about 2 divisions below the bottom 
of the meniscus, the eye will be level when the inside blue of the paper 
just comes into view. The blue also serves to make the tip of the menis¬ 
cus appear a little darker and more sharply defined. With a little prac¬ 
tice, one can easily learn to estimate to within 0.01 ml the exact position 
of the meniscus. 

After reading the buret, drain out 10 ml of water into the weighed 
flask stopping as closely as possible to the 10.00 mark but not wasting 
much time trying to get it exactly there because there will be a slight 
drainage while the weighing is being made. 

Then, without stopping to make an exact reading of the buret, weigh 
the flask and its contents to the nearest centigram. After this read the 
buret and allow water to run into the flask until the 20.00 mark is 
reached, continuing in this way until the buret has been drained to the 
lowest calibration mark. Record the weighings in the notebook accord¬ 
ing to the following plan: 
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BURET CALIBRATION. TEMP. 25® 


Wta. 

Diff. 

Burot Rdgs. 

Diff. 

True Vol.* of 
each portion 

Correction 
for 10 ml 

Total 

Correction 

20.52 

30.50 

9 98 

0.01 

9.96 

9.95 

10.02 

+ .07 

+ .07 

40.52 

10.02 

19.95 

9.99 

10.06 

+ .07 

+ .14 

50.47 

9.95 

29.93 

9.98 

9.99 

+ .01 

+ .15 

60.39 

9.92 

39.91 

9.98 

9.96 

-.02 

+ .13 

70.40 

10.01 

49.85 

9.94 

10.05 

+ .11 

+ .24 


* The table on p. 26 shows that the correction to be added to the weight of 1 1 
of water when weighed in the air at 25® is 3.83 g. For 10 ml (1/100 liter) the cor¬ 
rection will be 0.0383 g. Since the buret cannot be read to less than 0.01 ml, 
the correction used is 0.04 g. For very accurate work, weight burets are used in 
which the stoppered buret is weighed at the start and finish of each analysis. 
With such a buret the analysis can be made more accurately; see p. 67. 


When the calibration is finished, fill the buret again and repeat the 
work. In the second testing the corrections for each 10 ml should check 
with the first within 0.02 ml. From the average values, make a plot 
using one division of vertical distance on the paper to represent 1 ml 
of buret reading and each division of horizontal distance to represent 
0.01 ml of correction. Then, on the plot, the total distance from the 
base line will show the correction to be applied for any given reading 
of the buret. Many burets are obtained today which are calibrated 
so accurately that there is no need of applying buret corrections, par¬ 
ticularly if one always makes a practice to begin at about the zero- 
mark with every standardization and in every analysis. It is never 
safe, however, to assume that a buret is correct without testing it. 

Instead of calibrating the buret in the manner just described, many chemists 
prefer to start each time at the zero-point, refilling the buret after each withdrawal 
of 10, 20, 30 or 40 ml of liquid. Others prefer to calibrate by causing the water to 
flow through a carefully calibrated small pipet, reading the buret after each with¬ 
drawal of a pipetful of water. 


Calibration of a Pipet 

Clean the pipet with cleaning solution, but take care not to suck any 
of the chromic acid into the mouth. To avoid this, attach a piece of 
rubber tubing to the pipet and apply suction through this tubing. 
Rinse out the pipet with water. Suck up distilled water to a point 
above the graduation mark, quickly place the forefinger over the top of 
the tube and allow the level of the water to fall until the bottom of the 
meniscus coincides with the graduation mark. Then allow the contents 
of the pipet to run into a weighed flask; hold the pipet in a vertical 
position all the time. As soon as the pipet is empty, touch the tip to 
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the inside surface of the flask and withdraw it. Do not wait for another 
drop to form and do not blow into the pipet. From the weight of the 
water, determine the volume of the pipet as in the calibration of a 
buret. 


Calibration of a Flask 

Flasks are sometimes calibrated both for content and for delivery. 
To test the calibration for delivery, clean and weigh the delivered water 
exactly the same as in the case of burets and pipets. 

To test the calibration for content. Clean carefully and dry both 
inside and outside. Allow it to come to room temperature and weigh 
the empty flask. Then fill with water up to the mark and weigh again. 

To calibrate an unmarked flask, preferably one having a narrow 
neck, clean, dry and weigh (or tare* carefully). Then place the proper 
weight on the balance pan and add water until equilibrium is again re¬ 
stored. Note the place on the neck where the bottom of the meniscus 
comes. 

Place the flask upon a level surface and fasten a piece of gummed 
paper with a straight edge around the neck of the flask so that its upper 

edge is just tangent to the 
deepest point of the water 
meniscus. Empty the 
flask, dry, cover its neck 
with a uniform layer of 
beeswax, and allow to 
cool; this usually requires 
about 15 minutes. Then 
hold the flask, as is shown 
in Fig. 5, against the piece 
of wood .s‘, place the blade 
Fiq. 5 ^ of a pocket-knife firmly 

against the upper edge of 
the thick paper ring, and revolve the flask through 360° around its 
horizontal axis; in this way a circle is cut in the wax layer. By means 
of a feather place a drop of hydrofluoric acidf along this circle while 
holding the flask in the horizontal position. By turning the flask around 
its axis, allow the drop of hydrofluoric acid to act upon the glass where 

* The word tare is used to represent a counterpoise which may or may not be 
weights. If weights are used, it is not necessary to record the values. 

t Hydrofluoric acid produces painful bums. If any of the acid gets on the fingers, 
wash them well with water at once. The acid does not smart, or sting, at first 
because it has anesthetic properties. 
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the wax coating has been cut. After 2 minutes wash the excess of hy¬ 
drofluoric acid off, dry the neck of the flask by means of filter paper, 
heat until the wax melts, and wipe it off. Remove the last traces of 
wax by rubbing with a cloth wet with alcohol. 

Home Problems 

8. Calculate to the nearest centigram the weight of water, as determined in air 
with brass weights, required to fill a 250-ml flask at 25° and 750 mm pressure, if the 
volume of the flask is exactly correct at 20°. 

9. In testing the capacity of a 50-ml pipet, it was found to deliver 49.85 g of water. 
Find the capacity of the pipet assuming that gold weights were used (d.19.3), that 
1 ml of air weighed 1.2 mg under the conditions of the experiment, and that the 
temperature of the water and laboratory was 17.5°. 

10. In testing a buret with water at 23°, the following results were obtained: 


Buret readings. 0.02 10.12 20.09 30.16 40.19 50.00 

Weights. 16.27 26.35 36.26 46.34 56.31 66.17 


From these data compute the buret corrections, using the data given on p. 26. 





CHAPTER III 


CONCENTRATION OF SOLUTIONS. CALCULATIONS OF 
VOLUMETRIC ANALYSIS 

Volumetric analysis is based upon the measurement of volumes but 
it is necessary to know the strength of the reagent used to accomplish 
a given reaction. The strength of a solution is determined by its concert^ 
tration or the quantity of reagent in a given volume. A solution of silver 
nitrate reagent may be prepared by dissolving 25 g of solid silver nitrate 
in water and diluting the solution to 1 1. The concentration of the 
well-mixed solution can be expressed by saying that it contains 25 g 
of silver nitrate per liter, or 25 mg per ml. This method of expressing 
concentrations in weight per unit volume is a very common one. 

The chemist often speaks of a 10 per cent solution or a 24mm^ent 
solution, etc. This is, as a rule, a rather careless way of expressi^^Bfe 
centrations because the chemist usually means by a 10 per cent solution^ 
as Wilhelm Ostwald pointed out, one that contains 10 g of reagent in 
100 ml of solution. This method of expressing concentrations is used 
for approximate work when it does not make much difference whether 
the solution contains an exactly known weight. 

In expressing the concentration of aqueous solutions of gaseous sub¬ 
stances such as NHs or HCl it is common practice to say that the solu¬ 
tion contains a certain percentage hy weight. Thus the table at the back 
of the book shows that hydrochloric acid of 1.2 density contains 39.11 
per cent HCl by weight. This means that 1 ml of the HCl solution 
weighs 1.2 g and contains 1.2 X 0.3911 g of dissolved HCl. 

Sometimes mixtures of two liquids are said to contain a certain per- 
centage by volume of one of them. Thus by diluting 25 ml of pure alcohol 
with water to make 100 ml of solution, the mixture can be said to con¬ 
tain 25 per cent of alcohol by volume. 

The physical chemist usually finds it convenient to express concen¬ 
trations in moles per liter, the designation mole (German mol) meaning a 
molecular weight in grams. A solution containing 36.46 g of HCl per 
liter is called, therefore, a molal solution. This designation is also ap¬ 
plied to ions in solution; a solution is said to be molal in hydrogen 
ions if it contains 1.008 g of H+ per liter. 

Sometimes the molecular weight of a substance may be in doubt 
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Thus one chemist may write the formula of mercurous chloride as HgCl 
and another chemist may prefer Hg 2 Cl 2 . A. A. Noyes, therefore, has 
made use of the term formal solution to represent one formula 
weight in grams per liter and gives the formula of the substance. 

There are other ways in which concentrations can be expressed using 
other units of mass and of volume. Thus the mass can be expressed in 
grains, ounces, pounds or tons and the volume in pints, quarts, gallons, 
or cubic feet. 

For the purposes of volumetric analysis none of the above methods of 
expressing concentration is entirely satisfactory. If we say that 1 ml 
of HCl solution contains 0.4693 g of dissolved HCl, it is a rather diffi¬ 
cult problem in mental arithmetic to decide exactly how much NaOH 
or Na 2 C 03 it will neutralize. It involves the knowledge of the molecu¬ 
lar weights of HCl, NaOH, and Na 2 C 03 . We can carry out such a 
computation and find, for example, that 1 ml of the HCl solution will 

neutralize 0.4693 X “ 0.5151 g of NaOH. This value expresses 

the concentration of the acid solution in terms of NaOH and is useful if 
the acid is to be used for the sole purpose of analyzing samples of 
NaOH. Another computation is necessary to find out the strength of 
the solution with respect to any other substance with which it will react. 

The most convenient method, however, of expressing the concentra¬ 
tions of solutions for the purposes of volumetric analysis is with refer¬ 
ence to equivalent weights. 


Normal Solutions 

By a normal solution is understood one which contains 1 gramr 
equivalent of the active reagent dissolved in 1 1 of solution.* By gramr 
equivalent is meant the amount of substance equivalent to 1 gram-atom 
(1.008 g) of hydrogen. One milliliter of a normal solution contains one 
milli-equivalent of active reagent. For convenience in computation the 
concentration of solutions used for volumetric purposes are expressed 
in terms of their normality; that is, a solution is 2 normal, 0.5 normal, 
0.1 normal, etc. The letter N is used as an abbreviation for normal. 

The gram-equivalent, or weight required to make a liter of normal 
solution, depends upon the nature of the reaction involved. It often 
happens that the same solution has a certain normal concentration 
when used for one purpose and a different normal concentration when 

* It is important to note that a normal solution is not properly defined as one 
containing a gram-equivalent in 1 1 of solverU. In volumetric analysis the unit 
is always referred to the volume of the solution. 
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used for another purpose. The reagents used in volumetric analysis 
are acids, bases, oxidizing agents, reducing agents, and precipitants. 
y The equivalent weight of an acid is determined by the number of re¬ 
placeable hydrogen atoms in the acid molecule. Thus, to make a normal 
solution of the monobasic hydrochloric, hydrobromic, hydriodic, nitric, or 
acetic acids, it is necessary to have a molecular weight in grams (1 mole) 
of the acid dissolved in a liter of solution. To make 1 liter of normal 
solution of the dibasic sulfuric acid only \ mole of the acid is necessary. 

Sometimes, however, it is not convenient to react with all the re¬ 
placeable hydrogen atoms of an acid. In fact some acids are so weak 
that they cannot be used in volumetric analysis. Carbonic acid, for 
example, has no appreciable effect upon methyl orange and only 1 of 
the 2 hydrogen atoms in H2CO3 is acid toward phenolphthalein. 

Phosphoric acid, H3PO4, really has 3 replaceable hydrogens, but 
only the first is acid toward methyl orange and 2 hydrogen atoms are 
acid toward phenolphthalein. In titrating with methyl orange, phos¬ 
phoric acid acts as a monobasic acid and the normal solution contains 
1 mole per liter. With phenolphthalein as an indicator, phosphoric 
acid acts as a dibasic acid and | mole per liter will make a normal solu¬ 
tion of phosphoric acid. 

A normal solution of a base will contain 1 mole of replaceable hy¬ 
droxyl. Thus of potassium hydroxide, KOH, sodium hydroxide, NaOH, 
and ammonium hydroxide, NH4OH, 1 mole per liter makes a normal 
solution. Of barium hydroxide, Ba(OH2), calcium hydroxide, Ca(OH)2, 
and strontium hydroxide, Sr (OH) 2, only | mole per liter is required. 
Magnesium hydroxide is not appreciably soluble in water, but it is 
convenient to use the conception of normal solution to determine how 
much wiU be dissolved by an acid solution of known strength. One 
liter of normal hydrochloric acid will dissolve ^ mole of Mg(OH)2. 

I Salts of weak acids and strong bases have an alkaline reaction. With 
methyl orange as indicator, sodium carbonate reacts with 2 moles of 
hydrochloric acid; hence the equivalent weight is | mole of sodium 
carbonate. With phenolphthalein, however, the end point is reached 
when 1 mole of sodium carbonate has reacted with 1 mole of hydrochloric 
acid; in this case the normal solution will contain 1 mole of sodium 
carbonate. Borax, Na2B407, reacts with 2 molecules of hydrochloric 
acid when methyl orange is the indicator. If after this neutralization 
considerable glycerol, C3H6(OH)8, or some mannitol, C 6 H 8 (OH) 6 , is 
added another molecule of hydrochloric acid is required for each atom 
of boron in order to make the solution neutral to phenolphthalein, 

The equivalent weight of an oxidizing agent is determined by the 
change in polarity which the reduced element experiences. The po-* 
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larity of an element is the sum of the positive and negative valence 
bonds which it has in a compound; it represents the state of oxidation. 
Usually the polarity is the same as the valence except that a positive 
or negative sign is prefixed, but sometimes, as is true of the nitrogen 
atom of an ammonium salt, there is a difference. Nitrogen in the 
ammonium radical has a valence of 5 , but four of the bonds are nega¬ 
tive toward hydrogen atoms and the fifth bond is positive toward the 
acid ion of the ammonium salt. The polarity of nitrogen in an a^m- 
monium salt is —3 and it corresponds to the same state of oxidation 
as ammonia, NH3. 

When potassium permanganate is used as an oxidizing agent, the 
manganese drops to a lower polarity. In permanganate the polarity of 
the manganese atom is + 7 , and in most reactions used in volumetric 
analysis, the manganese is reduced to manganous salt in which the 
manganese has a polarity of +2: 

Mn04“ 5 Fe++ + 8 Mn++ + 5 Fe+++ + 4 H2O 

2 Mn04" + 10 I” + 16 H+-~> 2 Mn++ + 5 I2 + 8 H2O 

A normal solution of potassium permanganate, therefore, will contain 
I mole of KMn04 because the atom of manganese loses 5 positive 
charges in changing from a polarity of +7 to +2. 

Sometimes, however, the manganese of potassium permanganate is 
reduced only to the quadrivalent state. Thus a hot, nearly neutral 
solution of a manganous salt can be made to react with permanganate as 
follows: 

2 Mn04' + 3 Mn++ + 2 H2O 5 MnOz + 4 H+ 

In this case the manganese atom in permanganate only loses 3 charges 
and a normal solution of permanganate will contain oidy | mole of the 
reagent. Usually permanganate is standardized by a reaction in which 
it is reduced to manganous salt. Throughout this book, therefore, a 
normal solution of permanganate will refer to one containing J mole of 
KMnOi per liter. 

Potassium dichromate is often used as an oxidizing agent. In it 
each chromium atom has a polarity of +6 and by reduction 2 trivalent 
chromic ions are formed. There is a loss in polarity of 3 charges for 
each chromium atom, and a normal solution of potassium dichromate, 
K2Cr207, will contain k mole.* 

* The valence of an ion containing more than one element is the algebraic sum of 
the polarities of its constituents. Except in peroxides, oxygen has a polarity of —2 
in its compounds. The polarity of the chromium can be determined from the charge 
of the ion and that of the oxygen. The same is true of the permanganate ion or of 
any other complex ion. 
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CraOr- + 6 Fe++ + 14 H+ 2 + 6 Fe+++ + 7 H 2 O 

Cr207= + 6 r + 14 H+ -> 2 Cr+++ + 3 I 2 + 7 H 2 O 

Cr207“ + 3 Sn-^ + 14 H+ -> 2 Cr+++ + 3 Sn++++ + 7 H 2 O 

Cr207= + 3 H 2 S + 8 H+ 2 Cr+++ + 3 S + 7 H 2 O 

A solution of a ferric salt is sometimes used as a mild oxidizing agent. Thus, it 
will oxidize the iodide anion 

2Fe++^--f 21” = 2Fe++ -f I 2 

In this case, the oxidation depends upon the reduction of the ferric ion to the ferrous 
condition, and the equivalent weight of a ferric salt is the molecular weight divided 
by the number of Fe atoms in the molecule of the ferric salt. 

Recently, solutions of ceric salts have been highly recommended for replacing 
potassium dichromate and potassium permanganate in titrations. The oxidizing 
effect of the quadrivalent cerium cation depends on the reduction of the cerium to 
the trivalent condition. The ceric; cation, Ce+"^'^+, is reduced to Ce"*''^"*' about as 
easily as Mn 04 ~ is reduced to Mn++. Ceric solutions are more stable than per¬ 
manganate solutions, but the end point in a titration is not so easy to find. Usually 
it is best to determine the end point potentiometrically or with the aid of a col¬ 
ored substance that changes color when oxidized, such as diphenylamine or di- 
phenylamine sulfonic acid. 

Ce++++ -f Fe++ - Ce+-^+ + Fe+++ 

The equivalent weight of a reducing agent is determined in like man¬ 
ner by the gain in polarity which the oxidized element experiences. 
Ferrous salts are oxidized to ferric salts and the iron is changed from +2 
to +3 in polarity. A normal solution of ferrous sulfate, FeS 04-7 H 2 O, 
or of ferrous ammonium sulfate, FeS 04 -(NH 4 ) 2 S 04*6 H 2 O, will contain 
1 mole of either salt per liter. 

As precipitants, the normal solutions are referred to the simplest 
type of salt in which each constituent has a valence of 1. Thus of 
sodium chloride, NaCl, and of silver nitrate, AgNOs, a normal solu¬ 
tion will contain 1 mole per liter. Of sodium sulfate, Na 2 S 04 , barium 
chloride, BaCl 2 , and magnesium sulfate, MgS 04 , a normal solution will 
contain | mole per liter. 

If potassium dichromate is used as a precipitant in the following 
reaction 

CraOT" + 2 Ba++ + 2 C 2 H 3 O 2 ” + H 2 O ^ 2 BaCr 04 + 2 HC 2 H 3 O 2 

the normal solution will contain | mole per liter. < 

Oxalic acid and the acid oxalates are used sometimes as acids and 
sometimes as reducing agents. Oxalic acid, H 2 C 2 O 4 , has 2 replaceable 
hydrogens when titrated against alkali with phenolphthalein as in¬ 
dicator, and its normal solution as an acid contains i mole per liter: 

H 2 C 2 O 4 + 2 NaOH Na 2 C 204 + 2 H 2 O 
2H+ + 20H“-^2H20 


or 
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Oxalic acid also reacts with permanganate in accordance with the 
following equation: 

5 0204= + 2 Mn04‘ + 16 H+ 2 Mn++ + 8 H2O + 10 CO2 

From the fact that the normal solution of permanganate contains i 
mole per liter, it is clear that the equivalent weight of oxalic acid 
as a reducing agent is § mole, just as when acting as an acid. In this 
case, however, the reducing power has nothing whatever to do with the 
hydrogen-ion content of oxalic acid, for the above reaction takes place 
in the presence of a mineral acid. The valence of carbon in oxalic 
acid is 4 and the structural symbol, leaving out the water of crystal¬ 
lization, is written thus: 

o = c - O ~ H 

I 

O = C ~ O - H 

This structural symbol shows that 3 valence bonds of each carbon 
atom are positive toward 2 atoms of oxygen but, on the assumption that 
one end of each valence bond is positive and the other negative, 1 
bond of a carbon atom is positive toward another atom of carbon. The 
polarity of 1 carbon atom is, therefore, + 4 , while that of the other 
carbon atom is + 2 . When oxalic acid is heated, H2O, CO, and CO2 are 
formed, which agrees with this assumption. The average polarity of 
the carbon in oxalic acid is + 3 . 

The fact that the equivalent of 0204"”” is 2 mole is also shown by the 
fact that the oxidation can be expressed by the equation 

€204'“ - 2 c = 2CO2 

the Greek letter c being used to represent the charge of the electron. 
Potassium acid oxalate, KHC2O4, can be used as an acid 

KHC2O4 + KOH ^ K2C2O4 + H2O 

in which case the equivalent weight is 1 mole of KHC2O4, but as a 
reducing agent the reducing power is due to the oxalate group and a 
normal solution will contain only | mole of KHC2O4. A solution of 
KHC2O4 which is nbrmal as an acid will be 2 iV as a reducing agent. 

Potassium tetroxalate behaves similarly. As an acid it has 3 re¬ 
placeable hydrogens and the equivalent weight is ^ mole: 

KHC204 H2C204-2 H2O + 3 NaOH KNaC204 + Na2C204 + 5 H2O 

As a reducing agent, potassium tetroxalate has two €204= groups and 
the equivalent weight is J mote. If a solution of potassium tetroxalate 
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contains 1 mole per liter, it is 3 N as an acid and 4 AT as a reducing 
agent, and the same relation holds at all concentrations. 


Preparation of Normal Solutions 

The required amount of substance should be dissolved in water 
and diluted to a volume of 1 1 at 20°. Often, however, the water is 
not at the normal temperature, so that it is customary to dissolve the 
substance in water at the laboratory temperature and then dilute the 
solution up to the mark in a liter flask. After thoroughly mixing 
the solution, its temperature is taken by a sensitive thermometer. If 
the temperature is above 20°, the volume of the solution would be less 
than 1 1 if it were cooled to exactly 20°, so that the solution as made 
up is a little too strong. The following table shows how to correct 
for the temperature effect: 

TEMPERATURE CORRECTION FOR VOLUMETRIC SOLUTIONS 


Temp, of 
measure¬ 
ment, ®C 


Capacity of apparatus in milliliters at 20‘ 

‘C 


2000 

1000 

500 

400 

300 

250 

150 

Correction in miililitorB to give volume of water at 20® C 

15 

+ 1.54 

+0.77 i 

+0.38 

+0.31 

+0.23 

+0.19 

+0.12 

16 

+1.28 

+0.64 

+0.32 

+0.26 

+0.19 

+0.16 

+0.10 

17 

+0.99 1 

+0.50 

+0.25 

+0.20 

+0.15 

+0.12 

+0.07 

18 

+0.68 ! 

+0.34 

+0.17 

+0.14 

+0.10 

+0.08 

+0.05 

19 

+0.35 

+0.18 j 

+0.09 

+0.07 

+0.05 

+0.04 

+0.03 

21 

-0.37 

-0.18 

-0.09 

-0.07 

-0.06 

-0.05 

-0.03 

22 

-0.77 

-0.38 i 

-0.19 

-0.15 i 

-0.12 

-0.10 

-0.06 

23 

-1.18 

-0.59 

-0.30 

-0.24 

-0.18 

-0.15 

-0.09 

24 

-1.61 

-0.81 

-0.40 

-0.32 

-0.24 

-0.20 

-0.12 

25 

-2.07 

-1.03 

-0.52 

-0.41 

-0.31 

-0.26 

-0.15 

26 

-2.54 

-1.27 

-0.64 

-0.51 

-0.38 

-0.32 

-0.19 

27 

-3.03 

-1.52 

-0.76 

-0.51 

-0.46 

-0.38 

-0.23 

28 

-3.55 

-1.77 

-0.89 

-0.71 

-0.53 

-0.44 i 

-0.27 

29 

-4.08 

-2.04 

-1.02 

-0.82 

-0.61 

-0.51 

-0.31 

30 

-4.62 

-2.31 

-1.16 

-0.92 

-0.69 

-0.58 

-0.35 


[This table gives the correction to various observed volumes of water, measured 
at the designated temperatures, to give the volume at the standard temperature, 
20® C. Conversely, by subtracting the corrections from the volume desired at 
20° C, the volume that must be measured out at the designated temperature in 
order to give the desired volume at 20° C will be obtained. It is assumed that the 
volumes are measured in glass apparatus having a coeiHcient of cubical expansion 
of 0.000025 per degree centigrade. The table is applicable to dilute aqueous solu¬ 
tions having the same coefficient of expansion as water.] 
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For the following standard solutions more accurate results will be 
obtained if the numerical values of the above corrections are increased 
by the percentages given below: 


Solution 

Normality 

N 

V/2 

V/IO 

HNOs. 

50 

25 

6 

H 2 SO 4 . 

45 

25 

5 

NaOH. 

40 

25 

5 

KOH. 

40 

20 

4 

HCl. 

25 

15 

3 

HjC^O,. 

30 

15 

3 

Na^COa. 

40 

25 

5 


Standardization of Solutions 


If the reagent to be used in a volumetric analysis is known to be pure, 
it is best to prepare the standard solution as outlined on p. 38. Fre¬ 
quently, however, it is better to determine the concentration by testing 
the strength of the solution against some other substance known to be 
pure. Thus the strength of an acid solution can be determined by 
weighing out some carefully purified sodium carbonate and determining 
exactly how much of the acid solution is required to neutralize this weight 
of pure sodium carbonate. In this case the acid solution is said to be 
standardized against sodium carbonate and sodium carbonate is called 
the standard substance. Evidently if the acid is a normal solution, each 
milliliter of solution will neutralize exactly 1 milli-equivalent of the 
standard. The normal solution not only contains 1 milli-equivalent of 
the active reagent in 1 ml but it will react with 1 milli-equivalent of 
other substances. In any standardization, therefore, if g is the weight 
of standard taken, ml is the number of milliliters of solution required 
to react with this weight of standard, and e is the milli-equivalent 
weight of the standard used, then the normality of the solution (or the 


g 


= Ny Usually this is' 


number of milli-equivalents in 1 ml) ^ ^ 

suflScient because the weight of substance that reacts with 1 ml of the 
standardized solution can be found by multiplying the milli-equivalent 
weight of the substance analyzed by the value N. Sometimes, however, 
it is better to make the solution exactly normal, half-normal, or tenth- 
normal. To do this it is best to prepare the solution a little stronger 
than desired and then dilute it with water until the desired concentra¬ 
tion is obtained. Then if N is the normal concentration originally 
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obtained, N' is the desired normality, V is the original volume taken 
and V' is the volume after dilution, N X V — N' X V' and 7' = 
N X V 

———, 7' — 7 is then the volume of water to be added to the 

N' 

volume 7. 

In volumetric work it is often desirable to have two solutions of 
reagents, one having the opposite effect to the other. Thus in work¬ 
ing with an acid, sometimes too much is added and it is convenient to 
have a standardized solution of a base at hand to neutralize the excess 
acid. It is not necessary to standardize the second solution inde¬ 
pendently but it is important to know the relative strengths of the two 
solutions. 

If a milliliters of solution A are equal in strength to b milliliters of 

b d 

solution B, then 1 ml of A = - milliliters of B and 1 ml of B = r milli- 

a b 

Cl X, N 

liters of A. If solution A is iV-normal, then solution B is —^—nor¬ 
mal. If, on the other hand, the solution A is known to be A''-normal 
and solution B is known to be M-normal, then the relative strengths are 

N 

1 ml of solution A = milliliters of solution B 
M 

M 

1 ml of solution B = milliliters of solution A 


^ General Method of Computing Results 

Let ml represent the volume in milliliters of A^-normal solution re¬ 
quired to react with s grams of a substance of which the milli-equivalent 
weight is e, 


then 


mZ X AT X c X 100 
s 


= per cent 


In the analysis of sodium carbonate, molecular weight 106.0, completely 
neutralized by hydrochloric acid, the value of e is 0.0530 and the result 
obtained by the above formula will be the percentage of Na 2 C 03 in the 
sample analyzed. If it is desired to express the result in terms of NagO, 
molecular weight 62.0, the value of e is 0.0310. Or it may be desired to 
find the percentage of CO 2 in the sample on the assumption that nothing 
else but Na 2 C 03 is present that will react with the acid used. In this 
case the value of e is 0.022. In using the above formula, therefore, it is 
necessary to bear in mind that the value of the milli-equivalent should 
be in terms of the substance desired. 
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Sometimes, it is desirable to avoid computations in technical work 
and it is convenient to weigh out a sample such that the buret reading 
will give the percentage desired. This will be always the case if the 
weight of sample is 100 X iV X e, as inspection of the above equation 
will show. Or, if the weight of sample is 50 X iV X e, then the de¬ 
sired percentage will be found by multiplying the ml used by 2. 

Home Problems 

' 11 . How many grams of each of the following substances are required for 1 1 
of normal solution: KOH, II2SO4, HCl, H2C204-2H20, HNO3? What are the 
equivalent weights of Na 3 p 04 , Na 2 HP 04 , and Na 2 B 407 when methyl orange is the 
indicator? What are the equivalent weights when phenolphthalein is the indicator 
(in the presence of mannitol in the case of borax)? See p. 34. 

*12. How many milliliters of hydrochloric acid, d. 1 . 12 , containing 23.81 per cent 
HCl by weight, is required to make 2 1 of one-third normal solution? Of sulfuric 
acid, d.1.84, containing 95.6 per cent 112804 by weight? 

-13. If 47.26 ml of HCl are equivalent to 43.56 ml of NaOH, find the value of 
1 ml of the acid solution in terms of the base. 

v'14. How much water must be added to 1 1 of 0.1672 N sulfuric acid to make it 
exactly 0.1 AT"? 

. 15. If 2.453 g of pure, anhydrous sodium carbonate react with 45.72 ml of sul¬ 
furic acid solution and 41.90 ml of the acid neutralize 44.35 ml of KOH solution, 
find the normality of both solutions. 

16. How many milliliters of 0.3360 N Ba(OH )2 solution are equivalent to 42.75 ml 
of 0.5162 N hydrochloric acid? 
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ACIDIMETRY AND ALKALIMETRY. ANALYSIS OF SODA ASH 
AND OXALIC ACID. SUPPLEMENTARY PROCEDURES 


The useful reactions of analytical chemistry are those which take place 
practically completely in a given direction. Such reactions are those in 
which a slightly ionized substance is formed, an insoluble precipitate is 
obtained, a gas is evolved, or there is an oxidation of one substance at 
the expense of another. The law of chemical mass action applied to a 
reaction of the type A + B C D tells us that a reaction may be 
expected to go to completion if one of the products, either C pr D, is 
removed as fast as it is formed and this is the case when the substance is 
not ionized, is insoluble, or is a gas. The reason that the reaction 
NaOH + HCl = NaCl + H 2 O takes place in dilute solutions is that 
water is ionized but slightly and, from the standpoint of the electrolytic 
dissociation theory, the reaction of neutralization is really 

H+ + OH” = H 2 O 


This is shown by the fact that the heat evolved by the reaction in dilute 
solution is practically the same irrespective of the nature of the ions that 
were originally combined with the H"^ and OH” provided the original 
acid and base are both ionized almost completely. 

The mass-action law, applied to the ionization of water, tells us that a 
state of equilibrium exists when 


[H+] X [OH”] 
[H 2 O] 


= a constant 


In these mass-action expressions, a symbol written inside a bracket 
signifies a concentration expressed in moles per liter. In the case of 
water, the concentration of the non-ionized H 2 O is not changed appreci¬ 
ably as a result of ionization at room temperatures, and its concentration 
is enormous compared to the concentration of its ions; the above expres¬ 
sion can be simplified, therefore, by saying [H+] X [OH”] — - 

1.2 X 10“^^ at 25°. This expression is of fundamental importance. It 
states that in any aqueous solution the concentration of hydrogen ions 
(expressed in moles per liter) multiplied by the concentration of the 
hydroxyl ions present (also expressed in moles per liter) always equals 
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1.2 X 10“^^ at 25°.* Since 1 mole of and 1 mole of OH"* are formed 
from each mole of ionized water, it is evident that, in absolutely neutral 
water, the concentration of each of these ions is 1.1 X 10~^. 

Very small numbers, such as 0.000 000 12, are conveniently written as 
a number between 0 and 10 multiplied by 10 raised to the appropriate 
negative power. An accurate method for determining the hydrogen- 
ion concentration of a solution is to measure the electromotive force of a 
so-called hydrogen electrode when immersed in the solution. If 
the electromotive force of this electrode in a normal solution of is 
taken as an arbitrary zero, then the concentration of a given solution can 


be found by the expression Eis^ == 0.058 log in which represents 

the electromotive force, or electrode-potential, of the hydrogen electrode 
at 18°. The observed potential of the hydrogen electrode therefore is 


directly proportional to log 




Sorenson proposed that this value 


be called the hydrogen exponent with the designation pn. This pro¬ 
posal met with general approval and is used not only in science but 
also in chemical industries, because many chemical processes are sensi¬ 
tive to changes in acidity or alkalinity and it is easier to state that a 
certain reaction takes place to the best advantage at, say, pu = 12 
than to say that the solution should have a hydrogen-ion concentration 
of 10"^mole per liter. 

Since in any solution [H+J X [OH~] = 1.2 X 10“^“*, it is clear that the 
concentration of the OH~ is known as soon as the concentration of the 
is stated. The same is true of the pn and poH values; the latter 

signifies the log when [OH"] represents the concentration of 


[OH'j 

hydroxyl ions in moles per liter. 


In all cases pn + Poh = 14 at 25°. 


Logarithms. — Almost every reader of this book will have used logarithms in con¬ 
nection with the study of algebra or trigonometry, but in nearly every class of 
students there will be found a few who have forgotten how to use logarithms and 


particularly with respect to expressions like log . 

A logarithm of a number expresses the number as a power of some other number 
known as the base. Logarithms to the base 10, called common logarithms (Briggs), 
are used to simplify calculations; the expression log a always means the logarithm 


* The ionization constant of water, Kw, varies from 0.12 X 10”^^ at 0® to 73 X 10”"'^ 
at 100® C. 

t The hydrogen electrode is obtained by coating a platinum or gold wire with 
platinum black and dipping it into a solution which is kept saturated with pure 
hydrogen gas. Tlie gas usually enters the solution through a tube containing the 
dectrode. 
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of the number a to the base 10 unless otherwise stated. If the number in question 
is an exact power of 10, it is easy to find the logarithm, as the following table shows: 


Number. 1,000 100 10 1 0.1 0.01 0.001 

Exponential form. 10^ 10^ 10^ 10® 10“^ lO’^ 10“^ 

Logarithm. 3 2 1 0 —1 —2 —3 


A logarithm is said to have two parts, the characteristic and the mantissa. The 
characteristic is a whole number which is written to the left of the decimal point in 
the logarithm, and the mantissa is the decimal fraction which is written to the right 
of the decimal point. The characteristic is used to locate the decimal point, and the 
mantissa gives the significant digits of the number. A simple example will explain 
this, using the number 25 with various positions of the decimal point. 

Number.... 2500 250 25 2.5 0.25 0.025 0.0025 

or.2.5X103 2.5X102 2.5X10 2.5 2^5 XlO"! 2^5X10^2 2^5X10-3 

Logarithm.. 3.3979 2.3979 1.3979 0.3979 1.3979 2.3979 3.3979 

Note: (a) When written in this way, it is a property of logarithms to the base 10 that 
the decimal fraction (mantissa) is always the same for a given seciuence of digits; (5) 
that the characteristic of a number greater than 1 is a number which is one less than the 
number of digits to the left of the decimal point; and (c) that the characteristic of a num¬ 
ber less than 1 indicates the decimal place where the first digit other than 0 is found. 
The logarithm 2.3979 is composed of a negative number —2 and a positive fraction 
0,3979. The minus sign, therefore, applies only to the characteristic and not to the 
mantissa, and for that reason is written over the former rather than in front of it. 
It is, of course, true that — 2 -f 0.3979 = —1.6021, but when the logarithm is written 
in this way it is not so easy to use and the advantage is lost of having the mantissa 
always the same for a given sequence of digits. It should bo noted, however, that 
2.5 X 10“2 is the same value as 10 "^ ®® 2 !, To avoid the difficulty of using a number 
like 2.3979 which is part negative and part positive, many people prefer to write 
the logarithm of 0.025 as 8.3979 — 10 but this is likely to lead to confusion in the case 
of very small numbers in which the first digit other than 0 is found more than 9 
places to the right of the decimal point. 

On pages at the back of the book will be found a logarithm table. P>om it the 
mantissa of any sequence of digits can be obtained. Instead of these four-place 
logarithms, as they are called, it is possible to construct tables which will give the 
mantissa to 5, 6, 7, or any desired number of decimal places. With them greater 
accuracy is obtained when it is desirable to use 5, 6, 7, or more significant figures in 
the computations, but for the purposes of analytical chemistry, four-place loga¬ 
rithms are usually adequate and the use of the larger, more bulky tables is not to be 
encouraged. 

If it is desired to find the logarithm of 25.62 we know in the first place that the 
characteristic is 1 because the number lies between the first and second powers of 
10. The table of logarithms at the back of the book t^lls us that the mantissa of 256 

4082, and in column two under Proportional Parts we find that we must add 3 to this 
mantissa to get the logarithm of 2562, hence log of 25.62 = 1.4085. The **propor- 
tional parts'* in this table were obtained by taking the average difference between two 
neighboring mantissas in the same horizontal row and using a proportional part. 

Antilogarithms. — At the back of the book will also be found a table of antiloga- 
rithms. These tables are used in the same way as the logarithm tables but from them 
the sequence of digits, or the number, corresponding to a given mantissa is obtained. 
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If we wish to find the number corresponding to log = 1.4085, we turn to the table 
of antilogarithms at the back of the book and find that the digits corresponding to 
.408 are 2559; and in column five under Proportional Parts we find that we must 
add 3 which gives us the digits 2562. Since the characteristic of the logarithm is 1 
we know that the desired number is 25.62. 

The advantage of using logarithms lies in the fact that multiplication and division, 
squaring, cubing, and taking square roots, cube roots, etc., become very easy processes 
because they are performed by additions, subtractions, multiplications, and divisions 
of exponents. We learned from the study of algebra that o” X = a^'^, and 
since a logarithm such as 1.4085 merely means that the original number is 10^*“*®^, 
it is (;lear that adding logarithms has the same effect as multiplying the original 
numbers. Therefore, to multiply a by 5 we simply add the logarithms, and to divide 
a by b we merely subtract the logarithm of h from the logarithm of a. To find the 
square of a we merely multiply its logarithm by 2 and find the antilogarithm. 

Cologarithtns. — The cologarithm of a number is the logarithm of its reciprocal 
(or 1/ the number). Since the logarithm of 1 is 0.0000 and the logarithm of a frac¬ 
tion is the logarithm of the numerator minus the logarithm of the denominator, it 
is evident that the cologarithm of a number is found by subtracting its logarithm 
from zero. Thus the log of 2 — 0.3010 and its cologarithm is 1.6990 (the log of 
0.5 which is the reciprocal of 2). The mantissas of these cologarithms (usually 
called cologs) (*an be written directly from the values in the table by subtracting each 
digit from 9 excjept the last on the right (other than 0) which is subtracted from 10. 
In a series of multiplications and divisions it is often advantageous to use the co¬ 
logarithms because adding the cologarithm has the same effect as subtracting 
the logarithm and the series can be carried out by a single addition of all the values. 
Cologarithms are sometimes called negative logarithms because they are obtained by 
subtracting the logarithms from 0. 

^'Finding pu Values. — From what has just been said, it is evident that pn values 
represent the cologarithms of hydrogen-ion concentrations expressed in moles per 
liter. If the hydrogen-ion concentration is an even power of 10, the Ph value is 
at once apparent. Thus pn = 7 means that the hydrogen-ion concentration is 
10“’ mole per liter. What will be the pn of a solution containing, let us say, 0.000023 
mole of per liter? The logarithm of 0.000023 is 5.36 and the cologarithm is 4.64.* 
To find pH values corresponding to solutions containing less than 1 mole per liter 
express the moles per liter as a whole number between 0 and 10 multiplied by 10 
to a negative power. Then if this number is a X 10"^, look up the logarithm of 
a in the table to two significant figures (or take it from a slide rule) and subtract this 
value from h. 

Conversely to find the concentration in moles of per liter to correspond to 
Ph = 4.64, subtract 4.64 from 0.00 and get 5.36, look up the number corresponding 
to 0.36 (—2.3), and write 2.3 X 10“® as the desired number. 

A perfectly neutral solution has a pn value of 7. If the pa value is 
smaller than 7, the solution can be said to be more acid than pure waterf 
and if it is larger than 7 it is more basic. Another way of expressing 
this is to say that a solution is acidic if it contains more hydrogen ions 

* This is easily seen by expressing 0.000023 as 2.3 X 10“®. Then 
1 10 * 10 * 

2^ X ib“* ^ 
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per unit volume than are present in pure water and basic if it contains 
less hydrogen ions. It is well known that acids and bases vary greatly 
with respect to their ionization in aqueous solutions. The relative 
strengths is shown by a comparison of the ionization constants.* 

When a strong acid, like hydrochloric acid, is neutralized with a 
^ strong base, such as sodium hydroxide, the reaction takes place practi¬ 
cally completely as soon as exactly one equivalent of the base has been 
added. There is no appreciable hydrolysis of the salt formed, and the 
end point takes place* at pn = 7. It is a different matter when a weak 
acid like acetic acid is neutralized with sodium hydroxide. In this case 
the sodium acetate as it is formed tends to repress the ionization of the 
unneutralized acid, and when, finally, a quantity of base equivalent to 
the original acetic acid has been added, the pn of the solution will be 
distinctly higher than 7. In the same way, when sodium acetate is dis¬ 
solved in water, the solution will show pn >7. If a weak base like 
NH4OH is neutralized with a strong acid like hydrochloric acid, the 
final solution will show a pn distinctly less than 7. 

The following curves obtained by measurement of the single potential 
of a hydrogen electrode during a titration will illustrate these points. 
The curve for the titration of the hydrochloric acid with sodium hydrox¬ 
ide shows a marked change produced by a very little base when the end 
point is reached. This may be taken as the half-way point of the nearly 
vertical line and corresponds almost exactly to pn = 7. The curve for 
the titration of the acetic acid shows a distinct rise in pu long before the 


* The mass-action law applied to the ionization of a weak acid takes the general form 
rjj-f] ^ [A""] 

-tttTt —^ == in which k is called the ionization constant. Dibasic and tribasio 

lilAj 

acids are usually ionized to different degrees with respect to each replaceable hydro- 

[H+] X [HaPOri 
[H 3 PO 4 ] 


gen atom. The primary ionization constant of H 8 PO 4 is 


1.1 X IQ-^, the secondary ionization constant is 


and the tertiary ionization constant is 


[H-^] [PO 4 -1 

[HPO 4 ”"] 


[H^]-f[HP04-n 

[H2P04‘] 

= 3.6 X 10~i3. 


2.0 X 10-^ 


The value 3.6 X for the tertiary ionization of phosphoric acid shows that the 
presence of a considerable quantity of HP 04 ~ in an aqueous solution does not increase 
very much the concentration of the hydrogen ions present over the quantity furnished 
as a result of the ionization of water itself. 

The mass-action law applied to the ionization of a strong acid or of a strong hose 
does not give a useful value because if the ionization is practically complete, the 
value of the ionization constant approaches a. In comparing the ionization con¬ 
stants, therefore, it is customary to call that of the strong acids and bases [ 1 ] and 
the number is enclosed in brackets to show that it is not obtained by a rigid appli¬ 
cation of the mass-action law. 
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end point is reached, and the half-way point of the nearly vertical line is 
at a ph > 7. The third curve shows an indistinct end point, although 
the solution is neutral with pn = 7 when an equivalent of base has been 
added. The indistinct end point is due to the fact that the ionization of 
both acid and the base is slight in the presence of their neutral salt; as a 
result, ammonium acetate is hydrolyzed appreciably in aqueous solution. 



Titration of 0 1 V IICl Titration of 0.1 N Titration of 0 1 V HCsHsO* 

with 0.1 N NaOH with 0.1 N NaOH with 0.1 N NH 4 OH 


From what has just been said four conclusions can be drawn: (1) the 
end point of a titration of an acid with a base does not always coincide 
with Ph = 7; (2) a good end point cannot be obtained if both the acid 
and the base are weak; (3) when a weak acid is titrated with a strong 
base, the end point occurs at pn > 7; and (4) when a weak base is 
titrated with a strong acid the end point occurs at ph < 7. 

Indicators 

The indicators used in acidimetry and alkalimetry are dyestuffs 
which are of one color in acid solutions and another color in basic solu¬ 
tions. They are, as a rule, weak acids; though some of them are weak 
bases. It has been found that in organic compounds the color can 
usually be traced to a particular arrangement of atoms called a chro- 
mophor. The change in color, therefore, is caused by a slight rear¬ 
rangement of the atoms in the molecule. Thus, if the salt of an in¬ 
dicator acid is yellow and on treatment with acid it turns red, this is 
due to the fact that, when the indicator acid is liberated by the action 
of the stronger acid, the molecule undergoes a slight change in the 
way the atoms are linked together and thereby loses temporarily the 
ability to ionize as an acid. It is not sufficient, however, to assume that 
this change of color is caused solely by the fact that the ions have a color 
other than t|iat of the undissociated molecule; on the contrary, it has 
been shown in certain cases that the ions have the same color that the 
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undissociated molecule has before the rearrangement of the atoms in the 
molecule has taken place. On the other hand, as regards the proper 
use of indicators it is necessary simply to bear in mind how salts of weak 
acids behave in the presence of stronger acids and how the acids them¬ 
selves l)ehave in the presence of alkali. 

By means of electrometric tests it is possible to determine the 
hydrogen-ion concentration at which any indicator changes color. In¬ 
dicators are known which change at different concentrations of hydro¬ 
gen ion, and for any special case an indicator should be chosen which 
will change color as nearly as possible at the hydrogen-ion concentra¬ 
tion corresponding to the saturation point of the acid and base used 
in the analysis. 

As a result of comparisons between colorimetric and electrometric 
methods for the determination of hydrogen-ion concentrations in solu¬ 
tions of interest to biologists, Clark and Lubs* suggested the use of 
the following indicators: 


Chemical Name 

Common Name 

Color Change 

jjjg Range 

Thymolsulfon- 

Thymol blue 

lied-yellow 

1.2-2.8 

phthalein 



Te trabromophenol- 

Bromophenol blue | 

Yellow-blue 

3.0~4.6 

sulfonphthalein 



o-Carboxybenzene- 

Methyl red 

Red-yellow 

4.4-6.0 

azodimethylaniline 



Dibromo-{>-cresol- 

Bromocresol purple 

Yellow-purple 

5.2-6.8 

sulfonphthalein 


Dibromothymolsul- 

fonphthalein 

Phenols ulfonphthalein 

Bromothymol blue 

Yellow-blue 

6.0-7.6 

Phenol red 

Yellow-red 

6.8-8.4 

o-CresolsLilfonphthalein 

Cresol red 

Yellow-red 

7.2-8.8 

Thymols ulf onphthalein 
o-Cresolphthaiein 

Thymol blue 

Yellow-blue 

8.0-9.6 

Cresolphthalein 

Colorless-red 

8.2-9.8 


To prepare suitable indicator solutions, triturate 0.1 g of each of the above 
powders, excepting methyl red and o-cresolphthalein, with an equivalent quantity 
of 0.05 N solution of sodium hydroxide. Dilute with water to 500 ml in the case of 
cresol red and phenol red and to 250 ml in the case of thymol blue, bromothymol 
blue, bromophenol blue, and bromocresol purple. With methyl red, dissolve 0.5 g 
in 300 ml of alcohol and dilute with water to 500 ml. With o-cresolphthalein, 
dissolve 0.1 g in 500 ml of 95 per cent alcohol. 


The indicators most used in quantitative analysis are methyl orange^ 
methyl red, and phenolphthalein. 

* J. Bacterid., 2, 1, 109, 191 (1917); cf. The Determination of Hydrogen Ions, 
by W. M. Clark, 
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1. Methyl Orange 

Under methyl orange,* Lunge, f who first proposed the use of this 
indicator, understood either the free sulfonic acid of dimethyl-amino- 
azo-benzene or its sodium or ammonium salt. 

In the free state, the sulfonic acid is obtained in the form of red¬ 
dish violet scales, soluble in considerable water. If some of the solid 
is dissolved in as little water as possible, a distinct reddish orange 
colored solution is obtained; but on the further addition of water this 
color gradually changes to yellow. If a trace of an acid is added to the 
yellow solution, it becomes red again, and on further dilution with 
water the color changes to orange and finally to yellow once more, if 
too much acid was not added. The color changes which take place 
between pn = 2.9-4.0 can be easily explained. 

In the sensitive neutral solution there is a condition of equilibrium 
between two isomeric forms of methyl orange as expressed by the 
equation: 

HSO3 • C6H4 • N:N • C6H4N(CH3)2^S03 • C6H4 • NH • N:C 6 H 4 :N(CH 3)2 


The formula on the left represents the yellow substance and the color 
is due to the azo group N : N, whereas the formula on the right repre¬ 
sents the red substance which has for its chromophor the quinoid group 
:C 6 H 4 :. The formula on the left has a sulfonic group which imparts 
acid properties to the molecule and at the other end is an N(CH 3)2 
group which has weakly basic properties. The formula on the right, 
therefore, represents an inner salt inasmuch as the acid and base form¬ 
ing groups are united. 

The sodium salt of methyl orange is yellow and has the formula 
NaSOs • C 6 H 4 N : NC 6 H 4 N(CH 3)2 

and when decomposed by acids the free sulfonate at once reverts to 
the red formrj 

SO3 • C 6 H 4 • NH • N ; C 6 H 4 : N(CH 3)2 


Methyl orange is an excellent indicator for weak bases, but cannot 
be used for the titration of weak acids. 

* This dyestuff is known commercially as helianthin, orange III, tropaolin D, 
Poirrier's orange III, dimethylaniline orange, mandarine orange, and gold orange. 

t BerichtBy 1878, II, 1944; Chem. Industrie, 1881, 348; Handbuch filr Sodain- 
dustriey I, 52 (1879); II, 151 (1893). 

t Of. Stieglitz, Am. Chem. Soc.y 25, 1117. 



50 


ACIDIMETRY AND ALKALIMETRY 


If it is desired to titrate a solution containing sodium hydroxide with 
a tenth-normal acid, add a little methyl orange to the alkaline solu¬ 
tion and titrate with acid until the solution is colored a distinct red. 
The latter color will not appear permanently until an excess of the 
acid has been added. This causes a slight error in the analysis which 
is greater in proportion to the amount of indicator employed, and the 
more dilute the solution. 

From what has been said the following rule holds: 

In any titration a small amount of indicator should be used, and 
inasmuch as the change of color is proportional to the concentration 
and not to the absolute amount of acid present, the analyzed solution 
should have as nearly as possible the same concentration as was the 
case in the standardization of the solution added. 

If a normal acid is used for the titration, the change of color is very 
sharp when the volume of the solution titrated amounts to about 100 ml. 
Even with a fifth-normal solution the change of color is very distinct, 
but less so with tenth-normal solutions; but these can be titrated 
provided the standardization was made at the same dilution as that used 
in the analysis. 

How is it with the end point in the titration of an acid with an alkali 
hydroxide solution? 

If a few drops of methyl orange are added to 100 ml of water, the 
water will be colored distinctly yellow. If the solution contains the 
same amount of hydrochloric acid as is contained in 10 ml of a tenth- 
normal solution of this acid, the solution will be colored a deep red. 
In order that the solution shall assume its original yellow color, it is 
only necessary to add exactly 10 ml of 0.1 N alkali hydroxide solution, 
but no excess of alkali, because the water is itself sufficient to decompose 
the dyestuff sufficiently to produce the yellow color. 

It is evident, then, that it is not a matter of indifference in the analy¬ 
sis whether the titration is completed by the addition of acid or by the ^ 
addition of alkali. In the former case, for the titration of T milliliters of 
0.1 JV alkali solution, T + t milliliters of 0.1 N acid would be necessary. 

Methyl orange is more sensitive toward alkali than it is toward acid, 
but many prefer to finish the titration by the addition of acid, for most 
eyes can detect the change from yellow to red with greater accuracy. 
In principle it is more accurate to accomplish the titration the other 
way, as was recommended by F. Glaser, 

Preparation of MethyUorange Solution, — Dissolve 0.10 g of solid 
methyl orange* in 100 ml of hot water, allow to cool, and filter off 

* Of the sodium salt dissolve 0.11 g in 100 ml of water, add 3.36 ml 0.1 N HCl, 
and after the solution has stood for some time filter off any deposited crystals. 
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any deposited meta-sulfonic acid. Use 1 drop for each 100 ml of 
solution. 

Use. — Methyl orange is suitable for the titration of strong acids 
(HCl, HNO3, H2SO4) as well as phosphoric and sulfurous acids. Hy¬ 
drochloric and nitric acids can be titrated with this indicator with a 
sharper end point than sulfuric acid. If free phosphoric acid is titrated 
with sodium hydroxide using this indicator, the solution changes from red 
to yellow when one-third of the phosphoric acid has been neutralized: 
H3PO4 + NaOH = NaH2P04 + H2O 

The primary phosphates are neutral toward methyl orange; the 
secondary and tertiary phosphates react alkaline toward it. With 
half-normal solutions, the end point of the reaction is fairly sharp, 
with tenth-normal solutions it is less so; in the latter case an excess of 
about 0.3 ml of the tenth-normal alkali is necessary to cause the change 
from red to yellow. 

Sulfurous Acid. — In titrating sulfurous acid with sodium hydroxide, 
the yellow color is obtained when half the acid has been neutralized 
H2SO3 + NaOH = NaHSOa + H2O 

so that NaHSOs is neutral toward this indicator. 

The weak acids HCN, H2CO3, H2S, HsAsOs, H3BO3 and HCr04~ when 
present in moderate quantities do not act upon the indicator. CO2 
and H2S produce an orange-red coloration only when present in large 
amounts. For this reason dilute solutions of the alkali salts of these 
acids can be titrated with accuracy by means of this indicator. 

Organic acids cannot be titrated with methyl orange. 

The strong and weak bases NaOH, KOH, NH4OH, Ca(OH)2, Sr(OH)2, 
Ba(OH)2, and Mg(OH)2 can be titrated with great accuracy by means 
of this indicator, and the same is true of the amine bases (methyl and 
ethyl amines, etc.); on the other hand, such weak bases as pyridine, 
aniline, and toluidine cannot be titrated. 

Nitrous acid ordinarily cannot be titrated with this indicator because 
the acid destroys it. If, however, an excess of alkali is first added to 
the solution of nitrous acid, then the methyl orange, the titration can 
be accomplished with accuracy. 

2. Methyl Red 

(CH8)2N - C6H4 - N - N - C6H4 - COOH 
Para’^imethyl^mimazchhenzene-o^rboxylic add 

This valuable indicator is suitable for titrating weak organic bases 
and anamonia. The aqueous solution of methyl red is orange, but if 
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a few drops are added to 50-100 ml of water, the water is colored a pale 
yellow. The addition of a drop of 0.1 N HCl at once turns the liquid 
a violet-red without passing through any intermediate shade, and 
by the addition of a drop of ammonia the solution becomes nearly 
colorless again. Methyl red is not very sensitive toward carbonic 
acid, but more so than is methyl orange, so that it is less suitable for 
the titration of carbonates. The chief advantage of this indicator 
lies in the sharp color change from a very pale yellow to a violet-red, 
even in titrating ammonia. The color change is at pn = 4.4-6.0. 

Preparation of the Indicator. — Dissolve 0.10 g of the free acid in 
60 ml of ethyl alcohol and dilute with 40 ml of water. Allow the solu¬ 
tion to cool, and then filter. Add 2 drops of this solution to every 100 
ml of the solution to be titrated. 

3. Phenolphthalein 

Phenolphthalein is a very weak acid forming red salts which contain 
the strongly chromophoric quinoid group: C 6 H 4 :. The free acid, how¬ 
ever, is unstable and when set free from one of its colored salts reverts 
instantly into a colorless lactoid form, containing no chromophor group: 

HOOC • C 6 H 4 • C(C6H40H) : C 6 H 4 :0 ^ O • OC • C 6 H 4 • C(C6H40H)2 

In the free acid, therefore, the condition of equilibrium favors the 
lactoid form and only minimal traces of the quinoid acid are present. 
This trace of quinoid acid is ionized and is in equilibrium with its ions: 

HOOC • C 0 H 4 • C(C6H40H) : C 6 H 4 :0 

^ H+ + OOC • C 6 H 4 • C(C6H40H) : C 6 H 4 :0" 

The addition of an alkali causes the hydrogen ions to disappear, so 
that more of the quinoid molecules must be ionized to preserve equilib¬ 
rium, and the quinoid molecules in turn are reproduced from the lactoid 
as fast as the former are converted into the salt. Phenolphthalein is 
a very sensitive indicator towards acids, but on account of being a 
very weak acid it does not form stable salts with weak bases. 

Preparation of the Indicator. — Dissolve 1 g of pure phenolphthalein 
in 100 ml of 90 per cent alcohol. Use 1 drop for each 100 ml of solution. 

Uses. — Phenolphthalein is particularly suited for the titration of or- 

! ;anic and inorganic acids and strong bases, but not for the titration of 
mmonia. 

If the red-colored solution containing phenolphthalein and a little 
Ikali is treated with an excess of concentrated alkali hydroxide solution, 
he red color disappears at pn * 8.3-10 but returns on diluting the solu- 
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tion with water. Phenolphthalein, therefore, cannot be used as an in¬ 
dicator for the titration of concentrated alkali without previous dilution 
with water. 

Phenolphthalein is a sensitive indicator toward acids, far more sensi¬ 
tive than methyl orange, for not only can the presence of weak acids be 
detected, but very small amounts can be titrated with accuracy. 

Ordinary distilled water usually contains carbon dioxide, as can be 
shown by slowly adding 0.1 iV barium hydroxide solution, drop by drop, 
to 100 ml of water containing a drop of the indicator solution. Where 
the alkali first meets the water, a red color is produced which disappears 
on stirring, so that often as much as 0.5 to 1.8 ml of the alkali must be 
added before a permanent red color is obtained. The disappearance of 
the red shows the presence of acid (in this case carbonic acid), and its 
amount corresponds to the alkali neutralized. 

Phosphoric Acid. — If a solution of phosphoric acid containing phenol¬ 
phthalein is titrated with normal sodium hydroxide solution, a per¬ 
manent coloration is produced when two-thirds of the phosphoric acid is 
neutralized; 

H3PO4 + 2 OH“ HP04= + 2 H2O 

Apparently Na 2 HP 04 reacts neutral toward phenolphthalein, but this 
is not quite correct, for a pure solution of disodium phosphate is colored 
by phenolfihthalein a pale pink, and on diluting with water the intensity 
of the color increases owing to progressive hydrolysis: 

HP 04 = + H2O ?=> OH" + H2PO4" 

During the titration of phosphoric acid with sodium hydroxide, a 
pale-pink color is obtained somewhat too soon, and this color gradually 
increases in intensity until finally a maximum is reached; this is taken 
as the end point. It is possible that this hydrolysis could be prevented 
by the addition of a large excess of sodium chloride and cooling to about 
0 °C. 

Carbonic Acid. — If the solution of a neutral alkali carbonate is 
treated with phenolphthalein a red color is obtained, showing the pres¬ 
ence of hydroxyl ions in the solution, due'to hydrolysis: 

C 03 “ + H2O OH" -H HCOa" 

If hydrochloric acid is added to such a solution which is not too dilute 
and is at a temperature of 0°, decolorization is effected when the alkali 
carbonate* is changed to bicarbonate. At ordinary temperatures a 

* Alkaline-earth carbonates behave differently. They do not dissolve appreciably 
until the solution has » pa smaller than 6. Cf. p. 70. 
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sharp end point cannot be obtained; the color gradually fades. Pure 
sodium bicarbonate dissolved in ice-cold water is not colored by the 
addition of phenolphthalein; if it is warmed to the temperature of the 
room it turns red, but on cooling the color disappears (Kiister). 

Silicic acid seems to be without influence upon phenolphthalein, for 
alkali silicates (the water-glasses) can be titrated with accuracy. 

Chromic acid and acid chromates are changed by the addition of alkali 
to neutral chromates, which have no action upon phenolphthalein. 

Alkali aluminates can be titrated accurately with this indicator, for 
aluminum hydroxide does not affect it. 


Use of Indicators 

Indicators are used for two distinct purposes: (1) to show the actual 
concentrations of hydrogen ions in dilute solutions of acids and bases, 
and (2) to show the end point of a titration. The actual concentration 
of hydrogen ions depends upon the quantity of acid present and upon the 
extent to which the acid is ionized. A tenth-normal solution of acetic 
acid requires just as much sodium hydroxide to neutralize it as does the 
same volume of tenth-normal hydrochloric acid, but the latter contains 
about 70 times as many hydrogen ions. The tenth-normal acetic acid 
has a ph value of about 2.9 and the hydrochloric acid a pH value of 
about 1. For many purposes it is much more important to know the 
Ph value of a solution than it is to know the actual content of acid 
molecules. 

The concentration of hydrogen ions, or the corresponding pn value, 
of a dilute solution or an acid or of a base can be computed easily from 
the so-called ionization constant of the acid or base. The ionization of a 
weak acid may be regarded as a chemical reaction that quickly reaches a 
state of equilibrium. Thus if HA represents any weak acid, H“*“ the 
hydrogen ion and A" the anion, the ionization reaction is 

HA;i±H+ +A' 


and the mass-action expression corresponding to this reaction is 


im X [A-] 
[HA] 


= k. In such cases [H+], [A"“], and [HA] are usually 


expressed in moles per liter, and the concentrations are those corre¬ 
sponding to a state of equilibrium. 


The stronger the acid, the larger the ionization constant. For a completely 
ionized acid, the ionization constant is assumed to be 1, cf. p. 46. The mass-action 
law does not help us much when the ionization is practically complete. When 
expressing concentrations in moles per liter we assume that one unit of a binary elec¬ 
trolyte gives two, and this leads to a mathematical error because the units are not 
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absolutely the same. Such an error, however, can be disregarded in working with 
weak electrol 5 rtes. 

In considering the ionization of acids with more than one replaceable hydrogen, 
such as sulfuric or phosphoric acid, the ionization reactions should never be written 
H 2 SO 4 2 H*** + SO 4 or H 3 PO 4 ^ 3 H"*" + PO 4 because the first equation 
states that one sulfate anion is formed for every two hydrogen ions and the second 
equation states that one phosphate is formed for every three hydrogen ions. This is 
false. The ionization takes place in two stages in the case of sulfuric acid and in 
three stages in the case of phosphoric acid 

H 2 SO 4 + HSO 4 " H 3 PO 4 H+ + H 2 P 04 “ 

HSO 4 " 4 - 804 -" H 2 P 04 “ H+ 4- HP() 4 """ 

HPO 4 - H+ 4- PO 4 - 


The corresponding mass-action expressions are 


[H+1[HS04"1 

[H 2 S 04 I 

[H-^][S04~1 

1 HS 04 "] 


= iCi == [1] 

= X 2 = 3 X 10'2 


[H-^1[H2P04"] 

11I8P04] 

[H+I[np()4~n 

IH2PC)4~J 
[H-^1[PC)4 ] 

[HP04-"] 


- = 1 X 10-1 


= K 2 == 2.0 X 10-7 
= A's - 3.6 X 10-13 


In the case of phosphoric acid, we may consider that three acids are present. The 
first acid, H 3 PO 4 , corresponds to a moderately strong acid and is about 35 per cent 
ionized in tenth-normal solution; the second acid is weak and will not show an acid 
reaction to methyl orange; the third is an extremely weak acid. We can multiply 

fH'*']® X [PO 4 -1 

the three equilibrium expressions together and get —' T r j ' fj 7 Tl- = Ai X A 2 X As 

[II 3 I U 4 J 

= 7.2 X 10 - 21 , which is precisely the same form of expression that we would get if 
the reaction U 3 PO 4 3 4- PO 4 took place, but in substituting numericjal 

values we should have [H^] that obtained by the primary ionization because the 
quantities of formed by the secondary and tertiary ionization are inappreciable 
with respect to that formed by the primary ionization. The value of [PO 4 ] 
would be merely that extremely low concentration formed by the tertiary ionization. 
The only significance of the expression Ki X X Kz is to show the effect that in¬ 
creasing the concentration has upon that of the PO 4 . This explains, for 
example, why phosphates dissolve readily in solutions of HCl or HNO 3 . 

The following table shows the ionization constants of some acids and bases. 


Acids 

Acetic. 

Arsenie, Ki . 

Benzoic. 

Boric. 

{ K 

. 

rx. 

Citric ] jfiL 2 . 

IKa. 

Chromic, Ki. 

Formic. 

Hydrogen cyanide. 


Ka 

1.8 X 10-6 
5.0 X 10-6 

6.8 X 10-6 
6.0 X 10-10 
3.0 X 10-7 
7.0 X 10-11 
8.0 X 10-^ 
5.0 X 10-6 
2.0 X 10-6 
6.0 X 10-7 
2.0 X 10^ 

7 X 10-16 


Pa = -log Ka 
4.74 

2.30 
4.16 

9.22 
6.52 

10.16 

3.10 

4.30 

5.70 

6.22 

3.70 
9.14 
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Acids 

{ IT, 

. 

rxi.. 

Phosphoric . 

[K^ . 

Oxalic I . 

Sulfuric, K 2 . 

Sulfurous I . 

Tartaric | . 

t A2. 

Trichloroacetic. 


Bases 

Ammonia. 

Barium hydroxide, . 

Hydrazine. 

Ethylamine. 


Ka 

9 X 10-8 

1.2 X 10-18 
1.1 X 10"2 
2.0 X 10-7 

3.6 X 10-18 
3.8 X 10-2 

3.5 X 10-8 
3.0 X 10-2 

1.7 X 10-2 
1.0 X 10-7 

9.7 X 10-4 
9.0 X 10-8 

1.3 X 10-1 

Kb 

1.75 X 10-8 
3 X 10-2 
3.0 X 10-8 

5.6 X 10-4 


Pa = -log Ka 
7.05 
14.92 
1.96 
6.70 
12.44 
1.42 
4.46 
1.52 
1.77 
7.00 
3.01 
4.05 
0.88 

pb - log Kb 
4.76 

1.52 

5.52 
3.25 


Let us now take some concrete examples to show how the approximate pn value 
of a solution can be computed when the ionization constant of the acid or base is 
known. 

Example 1, What is the approximate pn of a solution of hydrochloric acid which is 
0.012 Nf In this case, we assume that the acid is completely ionized and the 
concentration of hydrogen ions in moles per liter is 1.2 X IO- 2 . The log of 1.2 = 0.08. 

1:2 = log = 2 - 0.08 = 1.92 = Pa. 


Example 2. What is the approximate pu of 0.012 N acetic acid? This is a simple 
problem in algebra. Since acetic acid when it ionizes yields an equal quantity of 
hydrogen and acetate ions, we can say that x represents the concentration of hydrogen 
ions and of acetate ions and the undissociated acetic acid will have the concentration 
0.012 — X when equilibrium is reached. The above table of ionization constants 
gives the value of 1.8 X lO”® for acetic acid. Using the symbol AcO~ for the acetate 
anion and HAcO for acetic acid, as recommended by the American Chemical Society, 
we have 


[H+] X [AcO-] 
[HAcO] 


x^ 

0.012 - X 


= 1.8 X 10-8 


Such an expression is a little awkward to handle because of the small coefficient of x 
when we expand it. Since we are working with only two significant figures and the 
ionization of acetic acid is less than 5 per cent, we will introduce no appreciable error 
if we call the concentration of the undissociated acetic acid 0.012 instead of 0.012 — x. 
We have also neglected, in the numerator of the above fraction, the small quantity 
of hydrogen ions produced by the ionization of water itself. This was permissible 
because it would not affect the second significant figure. Our simplified equation is, 
therefore, 


[H^l X [AcQ- 


[HAcO] 


] _ 

6j512 


= 1.8 X 10-8 


a;2 = 22 X 10-« 


jr « 4.5 X 10"^ corresponding to « 3*35 
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Example S. What is the Pr of a solution of O.OIS N acetic acid which contains 
of NaCiHzO%'3 in 100 ml of the aoluiionf 

This problem becomes easy if we make three assumptions. (1) The concentration 
of the hydrogen ions is x. (2) The concentration of the undissociated acetic acid is 
0.012 because the value x was estimated to be 4.5 X 10"^ in Example 2 and it will 
be much smaller in the presence of sodium acetate. (3) The concentration of the 
80 

acetate ion is = 0.59 mole per liter if we assume that the sodium acetate is com- 

luO 

pletely ionized. This value will not be changed appreciably by the very small quan¬ 
tity of acetate ions formed by the ionization of the acetic acid. 

We have, therefore, 


[H+]fAcO] _ 0.59x 
[IIAcO] 0.012 


1.8 X 10-« 


X — 3.7 X lO"*^ corresponding to pu — 0.43 


Example 4- Compute the approximate pn of a solution of 100 ml of 0.012 N hydros 
chloric acid to which 8.0 g of NaCill-^OrS H/) has been added. In this case 0.59 mole 
per liter of sodium acetate has been added as in Exarnple 8. This is 0.59 — 0.012 
= 0.578 mole more than enough to react with all the hydrochloric acid present. 
We can assume, therefore, the following concentrations: 

X = concentration of hydrogen ions 
0.578 = concentration of acetate ions 
0.012 = concentration of uiidissociated acetic acid 


Then 


[infAcO] _ 0.578a: 
[HAcO] 0.012 
a: = 3.8 X lO-^ p^ 


1.8 X 10-5 
6.43 


These examples illustrate how the approximate pn of acid solutions can be computed. 
The values can be checked by means of the indicators listed on p. 48. The last 
two problems show how the salt of a weak acid acts as a buffer and keeps the hy¬ 
drogen-ion concentration low even when an appreciable quantity of strong acid is 
added to a solution. 

Example 5. Whal is the approximate pn value of a solution of 0.012 N ammonia? 
What is the pn of the same solution after it is mode 0.59 N in ammonium salt? The 
ionization constant of the equilibrium NH3 -f H2O —+ NH4'^ + OH" is usually 


written 


[Nn4^]10H“] 

INH3] 


= 1.8 X 10 “5. This constant has the same value as that of 


acetic acid. Since the concentrations of ammonia and ammonium salt correspond 
to those of acetic acid and sodium acetate used in Examples 2 and S, corresponding 
mathematical solutions will give us (OH"] = 4.5 X lO*^, and [OH] = 3.7 X 10-^ 
and the corresponding pon values will be 3.35 and 6.43. Since, as stated on p. 43, 
Ph 4* PoH = 14 at 25°, the desired pn values will be 14 — 3.35 = 10.65 and 14 — 
6.43 = 7.57. 


Choic<tof Indicators in Titrations. — The titration of an acid with a 
solution of a'base is generally called a neutralization, but a sharp end 
point is obtained at ph == 7 only when the acid and base are both strong 
electrolytes. If the acid and base are equally strong, the end point 
should owur at pH = 7 but it will not be sharp. This is illustrated by 
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iC plotted curves on p. 47. The titration of a weak acid with a weak 
base should be avoided whenever possible because of this difficulty in 
getting a sharp end point. 

The curve on p. 47 for the titration of hydrochloric acid with sodium 
hydroxide shows that the titration is practically finished at ph ~ about 
3.5 and the next drop of 0.1 N sodium hydroxide solution changes the 
Ph to about 10.5. In reading such a curve, the true end point is taken 
half-way up the nearly vertical line, which is at pn = 7 in this case. 
Any indicator that changes color between pn = 3.5 and pn == 10.5 
should give a good result. 

The curve for the titration of acetic acid with sodium hydroxide shows 
that the end point is at about pn = 9. Such a solution is alkaline be¬ 
cause of the hydrolysis of sodium acetate. In this titration, therefore, 
the end point is not at the neutral point but it occurs at what is some¬ 
times called the equivalence pomt, ^.c., when a quantity of sodium hy¬ 
droxide equivalent to the acetic acid present has been added. A study 
of the curve shown on p. 47 shows that methyl orange which changes 
color at ph = 2.9-4.0 is absolutely useless for this titration, but phenol- 
phthalein which changes color at pn = 8.3-10 should give a good result. 
A similar study of the titration of ammonia with hydrochloric acid will 
show that phenolphthalein is useless and that methyl red or methyl 
orange can be used. From the ion product constant of water and the 
ionization constant of the weak acid or base to be titrated, it is possible 
to compute the pn value of the solution at the equivalence point, and 
when this is known the proper indicator can be chosen. 

The hydrolysis of a salt can be expressed as follows: 

BA + H 2 O BOH + HA 


when BA represents the formula of the salt, BOH that of the base, and HA that of 
the acid. Since most salts, excepting the halides of mercury and cadmium, are almost 
completely ionized in dilute aqueous solutions, this hydrolysis equation becomes 

A“ -f H 2 O OH“ -f HA (1) 

when BOH is a strong electrolyte and HA is a weak acid. The mass-action law 
applied to this reaction of hydrolysis is 


[OH-] X [HA] . 

-- 


( 2 ) 


The quantity of water involved in the reaction is very small as compared with the 
total quantity of water in the solution so that [H 2 O] Is regarded as a constant quan¬ 
tity and is left out of the mass-action law expression. 

fH+1 

Now if we multiply equation (2) by 

[H+] X (OHl X [HA] _K^ , 

[H+] X lA*"] " iCa “ 


(3) 
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Now according to equation (1) an equal quantity of OH“ and HA are formed by the 
hydrolysis so that in equation (2) we can replace [HA] with [OH~], and since the 
salt formed is practically completely ionized we can replace [A“] with c, the concen¬ 
tration of the salt present in the solution after the hydrolysis has taken place. This 
gives us 


and 



— Ahydr. 


10H-) - y/g.c 


(4) 


Using logarithms we have 


log [OH ] = J log Kw + I log c - i log Ka 
= -7 -f J log c + I 7 >a 


because log Kw = —14 and —log Ka = Pa. 

Then by changing all the signs, the equation becomes 

— log [OH“] = Poll =7 — 2 log c — 2 Va 

and since, according to p. 43, + />oh — 14, and />h = 14 — /joh, the formula for 

computing ph at the equivalence point in titrating a toeak acid with a strong base is 

7>h = 7 4- I log c I Pa 


Precisely the same line of reasoning leads us to the formula for the equivalence 
point in the titration of a weak base with a strong acid 

Ph = 7 — J log c — I Pb 

The values for pa and pb are given for a few acids on pp. 55-5(). These last two 
equations enable one to choose the proper indicator for the titration of a weak acid 
or a weak base of which the ionization constant is known. 

The indicator chosen should change color at the pn indicated for the equivalence 
point. 

It is sometimes possible to titrate a mixture of two acids in such a way that the 
quantity of each acid present is known. This is accomplished by using two indi¬ 
cators. With equal initial concentrations of the two acids it is possible to titrate 
each separately with an accuracy of less than 1 per cent if the ionization constants 
are to one another as 10,000 : 1 or, in other words, if the difference in the ionization 
constants is at least 10“^. If there is 100 times as much of one as of the other, there 
must be a difference of 10® in the constants. Thus it is possible to titrate hydro¬ 
chloric acid in the presence of boric acid or hydrochloric acid in the presence of acetic 
acid. In the same way it is possible to titrate carbonate in the presence of bi¬ 
carbonate; the two ionization constants of carbonic acid are 3 X 10“^ and 7 X 10~^h 
respectively. Phenolphthalein shows when the carbonate is converted into bicar¬ 
bonate and methyl orange shows when all the bicarbonate has reacted with a strong 
acid like hydrochloric. The ionization constants of phosphoric acid are = 1.1 X 
10“*, K 2 = 2.0 X 10“^, and Ks = 3.6 X 10“^®. Methyl orange shows when the 
first end point is reached, and phenolphthalein indicates the second. An indicator 
changing at tjh “ 14 will give affair idea of when the third hydrogen has all reacted, 
but this third hydrogen is present to such an extremely slight extent that the end 
point is not sharp. 


The theory underlying the problems of acidimetry and alkalimetry 
having been discussed, the remainder of this chapter will be devoted to 
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an outline of suitable procedures for tfao^student to follow in the labora¬ 
tory. 

j^eparation and Comparison of Solutions of an Acid and a Base. — 

Prepare 1 1 of approximately 0.5 N hydrochloric acid. The concen¬ 
trated hydrochloric acid in the laboratory has sp. gr. 1.2 and, as can be 
computed from the data at the back of the book, is a little over 12 N, 
For 1 1 of half normal acid, therefore, 41.6 ml of the concentrated acid 
should be diluted with water to a volume of 1 1. Since the solution is 
to be standardized and the concentrated acid varies slightly from day to 
day, it is a waste of time to measure the water carefully. Simply pour 
the acid from a measuring-cylinder into a liter bottle and add distilled 
water until it reaches not quite to the place where the bottle begins 
to narrow; this leaves sufficient air space to permit thorough mixing. 
Stopper the bottle and shake for at least 2 minutes. 

Prepare 11 of 0.5 N sodium hydroxide by weighing out on the labora¬ 
tory scales about 20 g of solid sodium hydroxide. Dilute with distilled 
water to about 1 1 and mix by shaking at least 2 minutes. Since this 
basic solution attacks glass slightly and sodium silicate is a good ce¬ 
menting agent, it is unwise to use the solution in a glass-stoppered buret. 

After the solutions are once mixed, the concentration will remain 
uniform as a result of the osmotic pressure of the solutes, but there is 
always a slight loss by evaporation if the bottle is not kept stoppered. 
If a warm day is followed by a cool night there is likely to be some 
condensed moisture on the sides of the bottle so that it is always well 
to give the contents of the bottle a slight shaking every time a fresh 
portion is taken. 

Take a plain buret that has been thoroughly cleaned with chromic 
acid solution (cf. p. 27) and washed with water. Rinse it with three 
10-ml portions of the sodium hydroxide solution, emptying the buret 
each time. Discard the solution thus used. Fill the buret to slightly 
above the graduations, make sure that there is no entrapped air bubble 
in the rubber tubing at the bottom of the buret, which must be full of 
liquid, and then drain out the solution until the bottom of the meniscus 
at the upper level is exactly at 0.00 or slightly below. In the same way, 
rinse out a carefully cleaned, glass-stoppered buret with water and with 
three separate portions of the 0.5 N acid and fill to approximately the 
0 mark. Make sure that the bottom of the stopper is filled with liquid. 
Read each buret to the nearest 0.01 ml and record the readings in the 
notebook. Measure out about 40 ml of the alkali, dilute with 50 ml of 
water, add 2 drops of methyl orange indicator solution and titrate 
with the acid until the solution- begins to change from yellow to pink. 
As a rule a little too much acid will be added at first, in which case a 
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little more of the sodium hydroxide should be added to turn the color 
back to a distinct yellow. Then add the acid very carefully until the 
well-stirred solution begins to show a pink tint. Read each buret again. 

Refill the burets and repeat the titration in the same way. Record 
the readings and compute the relative strengths according to the follow¬ 
ing scheme, which represents a sample page of a notebook. 


TITRATION OF IICl NaOH. OCT. 3, 1928 


Determination 

I 

II 

Final reading HCl. 

48.08 j 

43.14 

Initial reading HCl. 

0.12 

0.17 


47.90 

42.97 

Final reading NaOII. 

46.29 

40.37 

Initial reading NaOII. 

1.75 

0.50 


44.54 

39.87 

log ml HCl. 

1.6808 

1.6332 

log ml NaOII. 

1.6488 

1 6007 


0 0320 

0 0325* 

1 ml of NaOH neutralizes. . . . 

1.076 

1.077 ml HCl 


* In titrations of one solution against another and in standardizations, the loga¬ 
rithms of the final values should agree within 0.0008. 'J'his corresponds to a 
check in the values of 2 ])arts in 1000. If necessary, repeat the work until this 
agreement is obtained. 

Standardization of Acids and Bases 

There are many excellent ways in which a solution of hydrochloric acid can be 
standardized with satisfactory accuracy. The standardization can be accompli^ed 
gravimetrically by taking a measured volume of the acid from a pipet or buret, 
diluting with water, adding a slight excess” of silver nitrate, heating to coagulate the 
precipitate, filtering, and weighing the silver chloride precipitate. Such a procedure 
corresponds to the determination of chlorine in a sample of sodium chloride to be 
described later. 

The acid solution can be standardized by measuring the volume required to 
react with a pure substance of definitely known chemical composition. A satis¬ 
factory standard is sodium carbonate prepared by heating pure sodium bicarbonate 
to 270°. Gay-Lussac recommended this method early in the nineteenth century. 
Other standards such as calcite (Grandeau and also Pincus in 1863), potassium 
bicarbonate (Ure, 1839), sodium bicarbonate (North and Blakey, 1905), potassium 
bitartrate (Borntraeger, 1892), which is first converted into potassium carbonate by 
heating strongly, sodium oxalate (Sorenson, 1893), which is converted into sodium 
carbonate by ignition, and borax (Salzer and also Rimbach in 1893) have all been 
shown to give good results. In many cases it is convenient to standardize the acid 
against a solution or base which has itself been standardized. This last procedure 
is called the indirect method. 
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There is no good gravimetric method for standardizing a solution of sodium 
hydroxide, but numerous pure substances have been re(‘ommended as standards. 
Pure oxalic acid crystals, H 2 C 204-2 H 2 O, were used by Fr. Mohr in 1852, and since 
then the following arc only a few of the acids or acid salts which have been advocated: 
potassium acid oxalate, KHC 2 O 4 ; potassium tetroxalate, KHC 204 H 2 C 2 () 4*2 H 2 O; suc¬ 
cinic acid, CiH 4 (C 02 H) 2 ; potassium bi-iodate, KII(J 03 ) 2 ; benzoic acid, CeHeCOaH; 
potassium acid phthalate, KHC 8 H 4 O 4 . An indirect method of standardizing so¬ 
dium hydroxide solution is the titration against a solution of acid which has been 
standardized. 

In this book only one method of standardizing the hydrochloric acid will be de¬ 
scribed and two methods for standardizing the sodium hydroxide. The student 
may choose one of these and then determine the strength of his other solution 
indirectly, using the results that he has already obtained by titrating the hydrochloric 
acid against the sodium hydroxide. 


Standardization of Acid against Sodium Carbonate 

Preparation of the Standard. — If pure sodium bicarbonate is not 
available, dissolve about 35 g of the commercial product in 350 ml of 
warm water and filter off any insoluble residue. Allow the water to 
evaporate slowly at a temperature of not over 40® until about 25 g of 
salt has deposited. Protect the solution from contamination by dust by 
covering it with a watch glass supported upon a glass triangle or glass 
supports. Finally pour off the mother-liquor; dry the crystals by 
pressing them between filter papers and by heating for an hour at 120®. 
Preserve the pure sodium bicarbonate in a glass-stoppered bottle. 

Place about 8 g of pure sodium bicarbonate in a platinum or porcelain 
crucible arid heat for 30 minutes at a temperature of about 270®, taking 
care that the temperature does not rise above 300®. The heating can 
take place in an electric oven, in a sand-bath, or in an air-bath. 

If a sand-bath is used, embed the crucible so that the sand on the 
outside is level with the sodium bicarbonate on the inside. Occasion¬ 
ally stir the contents of the crucible with a 360® thei:3lj^pto^r. After 
heating for half an hour, allow the crucible and in a 

desiccator over calcium chloride or other suitable iriaidCaui* Ifreserve 
the sodium carbonate in a glass-stoppered weiy^ito^ »|^titeJ If 
poseJ^to the ^rir .gr kept in a cork-st 3 )pered botilri jiLAai L abs orbs 
wajier from the atmosphere and becomes worthless as, a standard. 

Standardization. — To standardize 0.5 N hydrochloric acid, weigh 
out two separate portions of about 1 g, recording the weight to the 
nearest tenth of a milligram. The best way to do this is to place a little 
more than 2 g of the standard in a glass-stoppered weighing-tube. 
Weigh this tube and its contents and record tho W^ht after counting 
the missing places in the box of weights. Check^NJIyalue by counting 
the weights on the pan. Every student is likelir;i6i..teake a mistake in 
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recording a weight, but he will almost always notice the mistake if he 
habitually checks his observations. Take the weighed tube, remove 
the stopper, and pour out approximately the desired quantity of the 
sodium carbonate into a beaker or an Erlenmeyer flask. Replace the 
stopper, and weigh again. If necessary, add more of the substance to 
the contents of the beaker. 

A substance to be used in an analysis should never be weighed out on paper. If 
the substance is hygroscopic or deliquescent it should not be weighed on a watch 
glass. Many chemists are accustomed to weigh out ores on watch glasses, but the 
beginner will make fewer mistakes if he follows the procedure just outlined. Record 
the data as indicated on p. Gl. 

Dissolve the weighed portions of pure sodium carbonate in about 
100 ml of distilled water, add some methyl orange indicator, and titrate 
as described on p. 66. 

Compute the concentration of the hydrochloric acid as indicated on 
p. 39 and from the value obtained compute the concentration of the 
sodium hydroxide solution as shown at the bottom of the same page. 
The equivalent weight of sodium carbonate is 53.00 

Standardization of Sodium Hydroxide 

(a) With Potasdurn AcM Phthalate 

This substance, because of its high molecular weight, is particularly well suited 
for the standardization of dilute solutions of sodium hydroxide. To standardize 
0.1 N sodium hydroxide, about 1 g of the salt should be taken, as this is sufficient 
to neutralize 49 ml of the base. Phenolphthalein is a suitable indicator, but reliable 
results cannot be obtained with methyl orange. The chief difficulty that students 
have in working with phenolphthalein arises from the fact that the sodium hydroxide 
absorbs a little carbon dioxide from the air every time the storage bottle is opened, 
unless care is taken to prevent it. This can be accomplished by pumping the sodium 
hydroxide into buret, or by siphoning it from the storage bottle, in such a way 
that all aife'iJiat enters the bottle has to pass through a tube containing soda-lime 
(Ca(OH )2 + NaOH) or ascarite (a patented preparation of asbestos fibers impreg¬ 
nated with eodium hydroxide). It also helps to keep the solution under a layer 
of gasoline* Ewy molecule of carbon dioxide that combines with two molecules 
of sodiumihl^droxide to form sodium carbonate, yields a product that only reacts 
with one molecule of hydrogen chloride in the cold because the sodium bicarbonate, 
which is formed when one molecule of hydrochloric acid acts on one molecule sodium 
carbonate, is neutral to phenolphthalein. The resulting error can be overcome by 
boiling the acid solution to expel carbon dioxide and repeating the process if the 
phenolphthalein color of the neutralized solution is discharged by heating. If the 
ratio of acid to baae has been determined with methyl orange as indicator, the 
presence of carbonate in the sodium will be detected by determining the ratio with 
phenolphthalein as in^cator. The sodium hydroxide solution will prove weaker 
when phenolphthalein used if it contains carbonate and the titration is carried 
out in the cold. 
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Procedure, — To standardize 0.5 N sodium hydroxide, weigh out 
portions of potassium acid phthallate weighing 2.5-3.0 g into 200-ml 
Erlenmeyer flasks. Eecord the weight to the nearest milligram. Add 
100 ml of water to each portion and shake gently until all the solid has 
dissolved. Add 3 drops of phenolphthalein solution and titrate till a 
pale pink color is obtained. Heat the solution to boiling and, if the 
color fades, add more of the sodium hydroxide solution until the color 
persists after boiling for 30 seconds. Record the data as shown on 
p. 66. The equivalent weight of potassium acid phthalate is the 
molecular weight, 204.1. Compute the normal concentration of the 
base, and, from the ratio of acid to base previously found, compute the 
normal concentration of the hydrochloric acid solution as well. 

For the most accurate work, the solution of sodium hydroxide must be prepared 
free from carbonate, the water used for dissolving the standard must have been 
recently boiled to remove carbon dioxide, the titration must take place in a flask 
which has been swept free from carbon dioxide by passing through it a stream of air 

that has been made to flow through granular soda- 
lime or as(‘arite, and a blank test must be run under 
the same conditions to see how much sodium hy¬ 
droxide would have been used if no potassium acid 
phthalate had been present. The volume used in 
the blank test must be deducted from that used in 
the standardization. 

(6) With Benzoic Acid 
Weigh out 1.5-2.0 g portions of the pure 
acid into 200-ml flasks and record the 
weights to the nearest milligram. Add 40 
ml of alcohol, stopper the flask and allow 
to stand until the acid has all dissolved. 
Add 3 drops of phenolphthalein indicator, 
dilute with water to 100 ml and titrate 
with the 0.5 N sodium hydroxide. When a 
slight pink color is obtained, heat the solu¬ 
tion and see if the color disappears. If so, 
add more sodium hydroxide until the color 
is not bleached by boiling for 30 seconds. 
Run a blank test with the same quantities 
of water and alcohol and deduct the volume 
of sodium hydroxide required in this test from the total volume used 
in the standardization. 

Ever 3 ^hing that was said under (a) concerning the effect of carbon dioxide is true 
here. Sodium hydroxide free from carbonate can be prepared by adding about 
20 ml of 0.5 N barium chloride to the sodium hydroxide solution. Allow the pre¬ 
cipitate of barium carbonate to settle, stopper the bottle with a two-hole rubber 
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stopper carrying a short right-angled tube attached to a soda-lime tube through 
which air can enter the bottle and also carrying a siphon tube ^aching nearly to the 
bottom of the bottle.' Then place the bottle on a shelf ab||b the buret and siphon 
the solution into the buret as required. See Fig. 6. The valve at a is made by a 
round head in the rubber tubing. 

(c) With Constant-boiling Hydrochloric Acid 

This method will not be described in detail but deserves mention because it is one 
of the most accurate methods for standardizing dilute solutions of alkali hydroxides. 
Briefly it consists in distilling hydrochloric acid until a constant boiling acid of sp. gr. 
about 1.1 is obtained. The exact density and composition of this constant-boiling 
acid varies slightly with the barometric pressure that prevails during the distillation. 
Thus with a barometer reading of 730 mm the acid will contain 20.293 per cent of 
hydrogen chloride, and at 770 mm the acid will contain 20.197 per cent of hydrogen 
chloride. These values are on a vacuum weight basis. 

After about three-quarters of approximately 6 N hydrochloric acdd have been dis¬ 
tilled off, the next 10 to 15 per cent of the distillate is collected as the standard acid. 
During this last distillation, the barometer is read at the start and finish to the 
nearest millimeter. Then, for the analysis, portions of the acid are weighed from a 
weight buret (see Fig. 0, p. 64). The method is very exact but is not suitable for 
work with large classes during a brief course in quantitative analysis. 

Analysis of Soda Ash 

Soda ash is the trade name for anhydrous sodium carbonate. The following 
procedure is applicable to the analysis of any alkali carbonate. It can also be used 
for an alkaline-earth carbonate but in that case it is necessary to add an excess of 
acid and titrate back with sodium hydroxide solution. As we have seen in the dis¬ 
cussion of indicators, carbonic acid is such a weak acid that it has practically no effect 
upon methyl orange. The primary ionization of carbonic acid, however, furnishes 
hydrogen ions sufficient to make phenolphthalein assume its colorless form. With 
methyl orange as indicator, sodium carbonate Na 2 C 03 can be titrated as if it were 
two molecules of sodium hydroxide, both stages of the following decomposition 
taking place before the solution is acid to methyl orange: 

COa”'” -f HCOs“ 

HCOa” -h H+ HaO + COa 

With phenolphthalein in the cold, an end point is obtained when the first stage only 
has taken place. 

With an insoluble alkaline-earth carbonate, on the other hand, the carbonate 
does not begin to dissolve until the solution is more acid than corresponds to the first 
end point, so that a mixture of soluble Ba(OH )2 and insoluble BaCOa can be titrated 
with acid and an end point obtained as soon as the Ba(OH )2 has been completely neu¬ 
tralized provided phenolphthalein is the indicator. With methyl orange, on the other 
hand, the end point will not be reached until all the insoluble carbonate has dissolved. 

Procedure. — Weigh out into 250-ml Erlenmeyer flasks, two samples 
of about 1 g each. Record the weights to four significant figures.* 

* See p. 19 regarding significant figures. In general, no more significant figures 
should be used in analyses than corresponds to the accuracy of the result. In report¬ 
ing results, the next to the last figure kept should not vary by more than ^ 
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Fill a glass-stoppered buret with standardized hydrochloric acid and a 
plain buret with standardized sodium hydroxide. Record the initial 
readings in the notebook to the nearest 0.01 ml. 

Cover the sample with 25 ml of water and add 2 drops of methyl 
orange indicator solution. Run in acid slowly until the indicator turns 
distinctly red, rotating the contents of the flask. In the case of an 
insoluble carbonate, it will be necessary to add a few milliliters of excess 
acid. When all the carbonate is decomposed, wash down the sides 
of the flask and carefully add sodium hydroxide from the buret while 
keeping the liquid in the flask in motion. Stop adding the hydroxide 
as soon as the liquid becomes distinctly yellow. Finally add acid drop- 
wise until the well-mixed solution shows a faint change toward the pink. 
In order to detennine the end point accurately, the beginner should 
have two comparison solutions both containing the same amount of 
indicator as used in the analysis and approximately the same volume as 
at the end of the titration. For one solution have the indicator in 
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Total HCl. 

37.32 
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1.18 
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Net HCl. 

36.14 

40.80 

log ml HCl. 
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log N HCl. 
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log m. e. Na 2 C 08 . 

8.7243 
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per cent NazCOj. 
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distilled water; the color will be yellow, because water reacts basic to 
methyl orange. For the other comparison solution, add a drop of the 
standardized acid, or just enough to change the methyl orange color 
toward the pink. This shade should be matched in the titration.* 

From the total volume of hydrochloric acid used, deduct the volume 
of hydrochloric acid corresponding to the sodium hydroxide added and 
this will give the volume of hydrochloric acid actually required to react 
with the weight of the carbonate used. Record and compute the analy¬ 
sis as shown on p. 66. The milli-equivalent weight of Na 2 C 03 in this 
determination is the molecular weight divided by 2000; the same is true 
ofNa20. 

Analysis of Oxalic Acid 

Assume that the sample given you is oxalic acid,t H 2 C 204-2 H 2 O 
and report the results in terms of this acid, the equivalent weight of 
which is 63.02. Record the results in the notebook ac¬ 
cording to the method shown for the preceding analysis. 

Remember that the net milliliters of sodium hydroxide is 
required in this analysis and that the value of 1 ml of HCl 
solution in terms of NaOH solution is the reciprocal of the 
value of 1 ml NaOH solution in terms of HCl. 

Procedure. — Weigh out portions of the sample of about 
1.25 g each to the nearest milligram, dissolve in 50 ml of 
hot water, add 2 drops of phenolphthalein solution, and 
titrate till the solution is pink. If the sodium hydroxide 
contains much carbonate, shown by effervescence when 
the reagent is added to the oxalic acid solution, make the 
solution slightly acid with standardized hydrochloric acid 
added from the buret (0.5 ml), boil gently for 1 minute, 
and finish the titration after cooling under the cold water 
tap. Allow for the hydrochloric acid added. 

Remark. — To avoid errors in reading burets, chemists often 
prefer to weigh the solution used for titrating with the aid of a 
weight buret. Fig. 7 shows such a buret, t If the weighings are 
corrected for air displacement, the accuracy of the work is in¬ 
creased so that the error in determining the end point is the chief 
one to be considered. 

* It is also well to have as much neutral sodium'Chloride present as will be formed 
by the titration. 

t Potassium binoxalate, potassium tetroxalate, benzoic acid, and potassium acid 
phthalate, etc., are other suitable substances to use for this analysis. Students find 
it more interesting not to know exactly what they are analyzing. 

X Friedman and La Mer, Ind. Eng. Chem., Anal. Ed. 2, 54 (1930). 


ml. 


-Idj 




Fig. 7. 
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SUPPLEMENTARY PROCEDURES 

The procedures described here are not intended for an elementary course in 
quantitative analysis. They are inserted chiefly for the purpose of illustrating 
some of the problems that confront the analyti(‘al chemist in practice and to indicate 
some methods of computing analytical results which do not conform precisely to the 
general formula given on p. 40. It has been found that students profit by the con« 
sideration of such problems in the cdass-room. 

Determination of the Acid Content of Oleum (Fuming Sulfuric Acid) 

Highly concentrated acids must be always weighed and not meas¬ 
ured volumetrically, in order to avoid loss by evaporation. The weigh¬ 
ing is best accomplished by means of the Lunge-Rey 
pipet, shown in Fig. 8. 

Remove the lower tube, introduce 0.5 ml of water, and 
weigh together with the dry upper pipet, but leaving the 
2 parts unconnected. Close the lower stopcock, open 
the upper one, and produce a slight vacuum in the bulb 
by sucking through the upper tube and then closing the 
stopcock. Dip the dry point of the pipet into the fuming 
acid (in the case of solid pyrosulfuric acid, first melt it 
by warming slightly), and open the lower stopcock. As 
soon as the widened part of the pipet below the lower bulb 
is one-half to three-fourths full, close the stopcock, taking 
care that none of the liquid reaches up to it. 

Carefully wipe off the acid on the outside of the pipet 
with filter paper; connect the two parts of the pipet and 
again weigh. The quantity of acid taken for the analysis 
should amount to 0.5-1 g. Dip the point of the pipet into 

Fig. 8. about 100 ml of distilled water contained in a beaker, and, 
by opening first the upper stopcock and then the lower, 
allow the acid to run into the water. Rinse out the pipet and add the 
rinsings to the contents of beaker, add methyl orange, and titrate with 
0.5 N sodium hydroxide. 

Compyiaiion, — Fuming sulfurio acid can be considered to be a solution of anhy¬ 
drous SOs in H 2 SO 4 ,* On treatment with water, the following reaction takes place: 
SO3 4- H 2 O = H 2 SO 4 . The titration with NaOH, therefore, shows the total acid 
present, including that formed from the anhydride. Let p be the weight of the origi¬ 
nal sample and n the milliliter of iV-normal NaOH used. The total weight of H 2 SO 4 
(equivalent weight 49) in the solution after the reaction with water is 

n X N X 0.049 = p 2 

* Fuming sulfuric acid contains a little SO 2 but as its determination involves an 
lodometric titration it will not be considered here. 
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Then p 2 — P is the weight of the water which reacted with the anhydrous SOs. 
Sidce 1 mole of H 2 O (18.02 g) reacts with 1 mole of SO 3 (80.06 g), evidently 1 g of 
80 06 

H 2 O reacts with “ 4.443 g of SO 3 and pa — p grams of water are equivalent 

to 4.443(pa — p) grams of anhydrous SO 3 . This value subtracted from the weight, 
p, gives the original weight of H 2 SO 4 .* 

A similar computation applies to the analysis of a mixture of acetic acid and acetic 
anhydride. When treated with water the latter reacts as follows; (CH 3 C 0)20 -f 
HaO = 2 CH3CO2H (acetic acid). The result of the Na(IH titration, expressed in 
terms of acetic acid, will give a weight larger than that of the original sample, the 
excess representing the weight of water that reacted with the anhydride; and the 
chemi(;al factor for converting this weight of water into the equivalent weight of 
the anhydride is 

(CHaCO^O _ 72.05 
H 2 O 18.02 


Determination of Alkali Carbonate in the Presence of either Alkali 
Hydroxide or Alkali Bicarbonate 


If a solution of sodium hydroxide is titrated with tenth-normal hydrochloric acid, 
the reaction is practically complete at about = H- When sodium carbonate, 
Na 2 C 03 , is titrated with tenth-normal hydrochloric acid, it is completely changed to 
NaliCOg at about pH = 10 and the sodium bicarbonate is changed to chloride at 
about 7 >h = 4. It happens, fortunately, that the color change with phcnolphthalein 
takes place after the sodium hydroxide has been completely neutralized and just after 
the carbonate has been converted to bicarbonate. Methyl orange, on the other hand, 
does not show an acid reaction until the sodium bicarbonate is changed completely 
to sodium chloride. 


oir + H+ 
C03““ 4- H+ 
HCO 3 " + H+ 


H2O 

Hcor 


I end point with phcnolphthalein 


ILO + CO 2 T additional reaction with methyl orange 


in carrying out the analysis it is important to make sure that there is no loss of 
CO 2 before the first end point is reached; the solution must be cold, the acid must 
be added slowly, and each portion must be stirred in well before fresh acid is added. 


Procedure. — Weigh out 5 g of the sample to four significant figures, 
dissolve in water, and make up to exactly 500 ml in a measuring flask. 
Mix well by pouring back and forth into a beaker at least four times, and 
take 25-ml portions of the solution with a pipet for the further analysis. 


* This value or where each formula represents a molecular weight, is 

what is called a chemical factor. It represents the weight of SOs corresponding to a 
unit weight of H 2 O so that, if the weight of water is known, the corresponding weight 
of SOb is obtained by multiplying the weight of w^ater by this chemical factor. The 

chemical factor represents the weight ratio of » hut it is necessary 

always to use equivalent quantities in such chemical factors. Thus if 1 molecule 

IT O 

of HjO reacted with 2 molecules of SOs, the chemical factor would be 
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To one portion, add some phenolphthalein indicator, chill by placing 
the flask in ice-water, and titrate slowly with 0.1 iY hydrochloric acid 
while stirring constantly. Titrate to match the rose color obtained by 
adding phenolphthalein indicator to a solution of approximately the 
same concentration of pure sodium bicarbonate. Let Ti represent the 
milliliters of acid required to decolorize the solution. 

To another portion add methyl orange and titrate till the color of the 
solution begins to change from yellow to pink. Let represent the 
total milliliters of acid used to make the solution acid to methyl orange. 

Computation. — (a) If T 2 is over twice as large as Ti, the original sample is a 
mixture of carbonate and bicarbonate. (6) If Ti is over half as large as T 2 the sample 
contains carbonate and hydroxide. 

(a) Now n moles of CO 3 react with n moles of in the phenolphthalein titra¬ 
tion and with 2 n moles of in the methyl orange titration, and m moles of HCOa” 
react with no acid in the first titration and with m moles of H'*' in the second titration. 
In a mixture of n moles of CO 3 and m moles of HCOs”, using Ti milliliters of Ab¬ 
normal HCl in the phenolphthalein titration and T 2 milliliters of acid in the methyl 
orange titration: 

Ti XN = n = number of milli-mole^ of CO3 

(7^2 — 2 Ti)N — m = number of milli-moles of HCOa'" 

(b) If 7\ is less than twice as large as 7"i, the original sample is a mixture of alkali 
hydroxide and carbonate 

(7^2 — Ti)N = number of milli-moles of CO 3 
(2 Ti — 7\) X N — number of milli-moles of OH“ 

Note. — This method of analysis, which applies to the analysis of alkali carbonate, 
hydroxide, and bicarbonate mixtures but not to mixtures of alkaline-earth (jarbonate 
with hydroxide and bicarbonate, is not as satisfactory as Winkler's method which 
depends upon the titration of one sample with methyl orange as indicator and of 
another sample with phenolphthalein as indicator after treatment with barium 
chloride, which precipitates barium carbonate. A solution containing soluble alkali 
or alkaline-earth hydroxide in the presence of insoluble alkaline-earth carbonate, 
can be titrated with acid and the phenolphthalein end point obtained as soon as the 
hydroxide has been neutralized completely and before any of the insoluble carbonate 
dissolves. With methyl orange, however, the end point is not reached until all the 
alkaline-earth carbonate has dissolved. In this case, the carbonate dissolves very 
slowly toward the last; it is best, therefore, to add an excess of acid and then, when 
the alkaline-earth carbonate is all dissolved, titrate back to a methyl orange end 
point. 

Analysis of Phosphate Mixtures 

The three ionization constants of phosphoric acid are Ki = 1.1 X 10“®, K 2 = 
1.95 X 10”^, and Kz — 3.6 X 10“^®. The first hydrogen can be titrated fairly 
accurately with methyl orange as indicator, and the first two hydrogens can be 
titrated with phenolphthalein as indicator. The third hydrogen is ionizable to such 
a slight extent that it cannot be titrated accurately. In other words, phosphoric 
acid, HaPOi, has 1 replaceable hydrogen when methyl orange is used as indicator 
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and 2 replaceable hydrogen atoms when phenolphthalein is the indicator. Mono¬ 
sodium phosphate, NaH 2 P 04 *H 20 , is neutral to methyl orange but has 1 replace¬ 
able hydrogen when phenolphthalein is the indicator. Disodium phosphate, 
Na 2 HP 04-12 H 2 O, is neutral to phenolphthalein but requires 1 mole of acid to make 
it neutral to methyl orange. Trisodium phosphate is alkaline to both indicators 
but requires 2 moles of acid to make it neutral to methyl orange and only 1 mole to 
make it neutral to phenolphthalein. 

To illustrate the extent to which titrations of separate portions of the same solution 
to the methyl orange and phenolphthalein end points can aid in the interpretation 
of the results of chemical analysis, let us assume that qualitative tests show the 
presence of only Na'^, CP, and PO4 , and that we are dependent upon the results 
of titrations with the above two indi(‘ators to determine which of the following 
substances are present — HCl, H3PO4, NaH 2 P 04 , Na 2 HP 04 , NagPO*, and NaOH. 
The analytical procedure would be something like this: 

Make the solution up to a definite volume in a measuring-flask. Mix thoroughly, 
and take suitable aliquots of the diluted solution. To one portion add a little methyl 
orange indicator and titrate to a color like that shown by an equal quantity of the 
indicator in some 0.1 M NaH 2 P 04 solution. 

There are no less than nine different possibilities. In four cases the solution will 
be acid to both methyl orange and phenolphthalein; in four other cases the solution 
will be alkaline to both indicators. In one case the solution will be alkaline to methyl 
orange and acid to phenolphthalein. It is impossible to determine the NaCl content 
of the solution by these titrations, but, of the substances listed above, any one can be 
present alone and we can have a mixture of any two neighboring compounds as listed. 
We can assume that HCl reacts with Na 2 HP 04 to give II3PO4, H3PO4 reacts with 
Na 2 HP 04 to give NaH 2 P 04 , and NaH 2 P 04 reacts with Na 3 P 04 to give Na 2 HP 04 . 
Although these reactions may not go absolutely to completion, the differences in the 
three ionization constants show that w^c do not incur serious error in making the 
above assumptions. In other words, the results ought to be good to within about 
1 per cent of the truth. 

Computation. — (A) The solution is acid to both indicators, I^t Ti represent the 
milliliters of Abnormal sodium hydroxide required in the methyl orange titration 
and Ti represent the milliliters of Abnormal sodium hydroxide required in the 
phenolphthalein titration. The relative values of 7’i and Ti can vary in four ways: 

(a) Ti — Ti. The solution contains hydrochloric acid alone. This is contrary 
to the fact that the presence of a soluble phosphate was showm by qualitative analysis. 

(b) Ti > Ti but Ti <2 Ti. The solution contains hydrochloric acid and phos¬ 
phoric acid. {Ti — Ti)Nh millimoles of H3PO4 are present and (2 Ti — Ti)Nb 
millimoles of HCl. 

(c) Ti = 2 Ti. The solution contains TvNb millimoles of H 8 PO 4 . 

{d) Ti> 2 T\ and Tj > 0. The solution contains TyNh millimoles of H3PO4 and 
(T 2 — 2 Ti)Nb millimoles of NaH 2 P 04 . 

(B) The solution is neutral to methyl orange and add to phenolphthalein. The 
volume of NaOH used is a direct measure of the NaH 2 P 04 and no other acid or basic 
constituent is present. 

{€) The solution is basic to methyl orange and add to phenolphthalein. A mixture 
of Na 2 HP 04 and NaH 2 p 04 is present. 

(j£)) The solution is basic to methyl orange and neutral to phenolphthalein. The 
volume of acid used in the methyl orange titration is a direct measure of the NaaHP 04 
of which 1 millimole « 1 miUi-equivalent. 
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(E) The aolvlion is basic to both methyl orange and phenolphthalein. Let Ti 
represent the milliliters of ATa-normal HCl used in the methyl orange titration and 
T 2 represent the milliliters used with phenolphthalein. As under {A) there are four 
different cases depending upon the relative volumes used in the two titrations. 

(а) 7\ > 2 T 2 and T 2 > 0. The solution contains (Ti ~ 2 T 2 )Na millimoles of 
Na 2 HP 04 and TrNa millimoles of Na 3 P 04 . 

(б) Ti = 2 7\. The solution contains TrNa millimoles of NrsPOa. 

(c) 7\ < 2 7\ but Ti > T 2 . The solution contains {Ti — 7\)Na millimoles of 
NasPO^ and (2 T 2 — 7\)Na millimoles of NaOH. 

(d) T\ = T 2 . In this case only NaOH is present. This, like the first case under 
(A), is contrary to the assumption that phosphate is present. 

Kjeldahl Method for Determining Nitrogen 

The Kjeldahl method for determining nitrogen in organic substances consists in 
converting the nitrogen into ammonium acid sulfate while decomposing the organic 
matter with boiling sulfuric acid and some catalyzer. For student work when the 
class is large, a sample of blood meal mixed with flour is suitable for this analysis. 

After the organic matter has been decomposed completely, the solution is made 
alkaline with sodium hydroxide, liberating ammonia which is distilled into a measured 
volume of standardized acid solution. The excess of the acid is finally titrated with 
standard sodium hydroxide using methyl red as an indicator. One milliliter of normal 
acid neutralizes 0.014 g of nitrogen in the form of ammonia. 

The method has undergone much modification from time to time in order to in¬ 
clude in the results nitrogen which is not easily reduced to ammonia. Thus to include 
nitrogen present as nitrate it is customary to add 0.04 g of salicylic acid for each 
milliliter of concentrated sulfuric acid used. Probably no single set of directions 
is applicable to the analysis of all nitrogen compounds. 

Weigh out 0.35 to 3.5 g of finely ground substance into a 500-ml 
Kjeldahl flask,* add 10 g of powdered potassium sulfate, 0.5-0.7 g of 
mercuric oxide f (or 0.6 to 0.65 g of mercury) and 20 to 25 ml of con¬ 
centrated sulfuric acid. Shake to mix the contents of the flask; place 
over a hole in an asbestos board on the ring of a lamp stand with the 
flask inclined at an angle of about 60*^. Heat below the boiling point 
until there is no more frothing, adding a little paraffin wax if the froth¬ 
ing is violent. Take care to use a small flame protected by the asbestos 
board so that the flame does not touch the flask except where there is 
acid. Gradually increase the heat until the decomposition is complete 
and the solution is nearly colorless. Boil gently for about 90 minutes, 

* Kjeldahl flasks can be obtained which are suitable both for the original digestion 
with the acid and for the subsequent distillation. If a smaller Kjeldahl digestion 
flask is used, rinse the solution into a larger flask before adding the sodium hydroxide 
to make the solution alkaline. 

t Prepared by subliming mercuric chloride with one-tenth as much mer<iiric 
oxide, making a saturated solution in water and slowly stirring it into an excess of 
hot, 2.6 N sodium hydroxide. Let settle; wash by decantation with hot water until 
free from chloride. 
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replacing acid if necessary to keep the volume above 20 ml. Cool, care¬ 
fully dilute with 200 ml of water, add a few pieces of pumice stone or 
some granulated zinc to prevent bumping during the distillation, and 
precipitate the mercury by slowly introducing, while shaking, 25 ml of 
4 per cent sodium sulfide solution. Then add 50 ml of saturated sodium 
hydroxide solution, or sufficient to make the solution strongly alkaline, 
pouring it down the sides of the flask without allowing it to mix much 
with the solution until the flask is connected with a condenser. Place 
the flask in an upright condition; connect with a Kjeldahl bulb or spray 
trap and then with a vertical condenser. Mix the contents of the flask 
by shaking, heat to boiling, and distil into a measured volume of 0.5 N 
hydrochloric acid in an Erlenmeyer flask, with the end of the condenser 
tubing dipping below the surface of the acid. All the ammonia will 
usually be in the first 150 ml of distillate. Finally, lower the Erlen¬ 
meyer flask, remove the flame, and wash the sides of the condenser 
tubing. Add a little methyl red indicator solution and titrate with 
0.5 N sodium hydroxide solution. 

Analysis of Borax 

Although borax costs only about two cents a pound when purchased in large 
quantities, it has been adulterated sometimes with cheaper substances such as 
sodium bicarbonate. The presence of such an adulterant is easily detected by the 
effervescence that takes place when the sample is treated with acid. Some of the 
detergents sold commercially contain borax together with other substances of basic 
reaction such as sodium carbonate. The methods described for the analysis of 
alkaline carbonates and for phosphate mixtures can be applied with slight modifica¬ 
tion to the examination of mixtures containing borax. 

Boric acid is a very weak acid. Its primary ionization constant, 6.0 X 10"*^®, 
is almost as small as the secondary ionization constant of carbonic acid. A solution 
of borax in water, therefore, reacts with the same quantity of hydrochloric acid 
when methyl red or methyl orange is the indicator as if the sodium of the Na 2 B 407 
were present as NaOH. Pure, recrystallized borax, therefore, of the formula 
Na 2 B 4 O 7-10 H 2 O, has been recommended as a primary standard in acidimetry. 

Although boric acid itself is so weak that it requires an indicator changing at 
Ph == 11 (tropeolin 0 or nitramine) to determine the end point when a molar solution 
is titrated with one equivalent of sodium hydroxide, the acid has the peculiar prop¬ 
erty of forming complexes with polyhydric alcohols which have a much larger 
ionization constant than boric acid itself. Thus if the aqueous solution of borax is 
neutralized to an end point with methyl orange and there is then added to the solution 
some glycerol, mannitol, invert sugar, or dextrose, the solution can be titrated with 
sodium hydroxide to an end point with phenolphthalein at pn = 8 — 9. 

Procedure, — Weigh out carefully about 1.0 g of the sample, add 60 
mH^of 0.5 N hydrochloric acid, and heat to 80°. Filter if any insoluble 
residue remains, and wash the filter with hot water until the liquid that 
runs through the filter does not tuip blue litmus red. Add 2 drops of 
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methyl orange indicator and titrate with 0.5 iV sodium hydroxide until 
the mixture has a clear lemon yellow color. 

Now add 3 drops of phenolphthalein indicator solution and about 1 
g of mannitol. Titrate with 0.5 N sodium hydroxide to a permanent 
pink color. Add 0.5 g more of mannitol and, if the color fades, add 
more sodium hydroxide. Instead of mannitol, 50 ml of glycerol can be 
used followed by 10-ml portions until the color ceases to fade. 

If the sample contained no basic substance other than borax, the 
volume of 0.5 N hydrochloric acid required to react with it to a methyl 
orange end point should be one-half that of the 0.5 N sodium hydroxide 
required in the final titration. 

Equivalent weight of Na2B4O7‘10 HsO = 190.6 against hydrochloric 
acid with methyl orange or methyl red as indicator and 95.3 against 
sodium hydroxide after neutralization to methyl orange and introduction 
of mannitol. 

Home Problems 

17. A sample of soda ash weighing 1.682 g was analyzed by the method described 
on p. 65. In the analysis 48.6 ml of HCl solution were used and 2.32 ml of NaOII 
solution. One milliliter of HCl - 0.9852 ml of NaOH. One milliliter of NaOH = 
0.1325 g of pure KHC 8 H 4 O 4 . Compute the total alkaline strength of the soda ash 
in terms of Na 20 and also in terms of Na 2 C 03 . 

18. What weight of soda ash should be taken for analysis, with methyl orange as 
indicator, such that the milliliters of 0.55 N HCl needed will be numerically the same 
as (a) the percentage of Na 2 C 03 present; (6) the percentage of Na20 present. (This 
last method of expressing the result is based on the old dualistic formula of sodium 
carbonate, Na 20 -C 02 .) 

19. A mixture of BaCOs and Li 2 C 03 weighing 1.25 g requires 41.67 ml of 0.600 N 
HCl to convert it into water-soluble chlorides. Find the percentage of BaO, Li 20 , 
and CO 2 in the mixture. {Hint. — The acid titration gives the total number of 
milli-equivalents o| carbonate. Assume that x milli-equivalents of one of the car¬ 
bonates is present. The problem can also be solved by assuming that x grams of 
one of the carbonates is present but the solution is then a little longer.) 

20. Calculate the percentage of H 2 C 204-2 H 2 O in a sample of which 1.260 g was 
titrated with 45.77 ml of 0.460 N NaOH and 2.10 ml of HCl. One milliliter of HCl 
neutralizes 0.0265 g of pure Na2C08. 

21. In the Kjeldahl method of determining nitrogen, this element is eventually 
obtained as NH4HSO4 which is heated with strong caustic alkali and the liberated 
ammonia is distilled off and collected in a measured volume of standard acid, the 
excess of which is finally titrated. Compute the percentage of N in a substance 
from the following data: weigm of sample, 5.0 g; used 90 ml of 0.5 N H2SO4 to 
absorb the ammonia; excess acid reacted with 22.0 ml of 0.1 W NaOH. 

22. If the ionization constant of acetic acid is 1.8 X 10 compute the ph value 
of a liter (a) of water containing the equivalent of 6 ml of normal acetic acid and 
(6) of another solution containing the same quantity of acetic acid and 4.1 g of 
NaC2H802*3 H 2 O. 

23. Find the pn of 0.05 N HCl solution on the assumption that the ionization of 
the acid is 90 per cent. 
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24; What indicator could be used for the titration of (a) vinegar with 0.25 N 
NaOH, (b) ammonia solution with 0.25 N HCl? 

25. Hydrocyanic acid is ionized to 0.01 per cent in 0.1 iV solution. Compute the 
ionization constant. 

26. Formic a(;id has an ionization constant of 2.0 X 10“^. Compute the percent¬ 
age ionization of 0.1 formic acid solution. Compute the pn value of 0.1 formic 
acid and also that of a solution which is 0.1 AT with respect to formic acid and 3.0 A* 
with respect to sodium formate. 

27. The ionization constant of ammonia, 1 ^ jg i 75 x 10 ~®. Com- 

pute the pn value (a) of a solution containing 0.2 mole of dissolved NHs per liter 
and (b) the same solution after adding 4 moles of NH 4 CL 

28. How much sodium acetate must be added to a liter of water containing 6.5 
milli-equivalents of acetic^ acid to make the = 6 ? 

29. A mixture of BaCOs and Li 2 C 03 reacts with the same volume of 0 .1 N acid as 

if it were pure CaCOs. Find the percentage Li 20 present. — Let x = the 

milli-equivalents of one of the carbonates in a sample weighing 1 g. How many 
milli-equivakmts correspond to 1 g of CaCOa?) 

30. A substance reacts alkaline and may contain sodium carbonate, caustic soda, 
and sodium bicarbonate. Assuming that the last two substances cannot both be 
present, compute the percentage of each alkaline constituent from the following 
data: 1.160 g of the powder react with 26.27 ml of third-normal HCl when phenol- 
phthalein is used in the cold, and with 59.17 ml if methyl orange is the indicator. 

31. A mixture of Na 2 HP 04 and NaH 2 P 04 with an inactive impurity gives the 
following results: 1.2 g of powder react with 6.00 ml of 0.5 N HCl with methyl 
orange and witii twice as much of 0.5 N base if phenolphthalein is used. Find the 
percentage composition of the original powder. 

32. A sample of oleum dissolved in water gives H 2 SO 4 equivalent to 108.5 per cent 
of the original weight. Find the j)ercentage of free SO3 and of total SO3 in the oleum. 

33. A substance contains sodium carbonate mixed with either sodium hydroxide 
or sodium bicarbonate together with some inert material. Compute the percentage 
of each of the above constituents present when: 1.500 g of sample react with 28.85 
ml of 0,5 N HCl in the cold with phenolphthalein as indicator and with 23.85 ml 
more of the acid if methyl orange is the indicator. 

34. A substance may contain the constituents listed in Problem 33 but nothing 
else of alkaline reaction. Compute the percentage of each of these substances. One 
gram of sample reacts with 17.96 ml of 1.038 N HCl with phenolphthalein as in¬ 
dicator and with 21.17 ml if methyl orange is used. 

35. Another mixture, of character similar to that described in Problem 33, reacts 
with 20.0 ml of 0.6 N HCl with phenolphthalein in the cold and with 24.6 ml more 
if methyl orange is the indicator. The sample weighed 1.6 g. Compute the per¬ 
centage composition. 

36. Mixtures for student analysis are made from^aOH and H 8 PO 4 solutions. In 
each case the student is given 50-ml portions for analysis and asked to compute the 
weight of each of the following substances per liter, assuming that not more than 
two of these substances can be present in the same solution: HCl, H 8 PO 4 , NaOH, 
Na«HP04, Na8P04, NaH2P04. 

Sample 1 . The solution reacts with 25 ml of 0.6 N NaOH when methyl orange 
is the indicator and with 48 ml of the NaOH solution when phenolphthalein is the 
indicator. 



76 


ACIDIMETRY AND ALKALIMETRY 


Sample 2. The solution reacts with 30 ml of 0.5 N HCl with phenolphthalein 
as the indicator and with 48 ml of the same acid when methyl orange is used. 

Sample 3. The solution reacts with 25 ml of 0.6 N NaOH when methyl orange is 
used and with 75 ml of the same base when phenolphthalein is the indicator. 

Sample 4. The solution reacts with 25 ml of 0.5 N acid with phenolphthalein, and 
75 ml are used with methyl orange. 

Sample 5. The solution reacts with 25 ml of 0.6 N NaOH when phenolphthalein 
is present and with 30 ml of 0.5 N acid when methyl orange is the indicator. 



CHAPTER V 


OXIDATION AND REDUCTION: (a) POTASSIUM DICHROMATE 

METHODS 

Oxidation and reduction processes are those in which the substance 
analyzed is either oxidized or reduced by means of the solution with 
which the titration is made. When hydrogen is oxidized by oxygen 
it is changed from the neutral condition to that of a positive valence (or 
polarity) of 1 and oxygen is reduced from the neutral condition to a 
negative valence (or polarity) or 2. In this, and all other cases, the 
equivalent weight of the element used in an oxidation-reduction reaction 
is the atomic weight divided by the change in polarity. When an atom 
in any complex molecule is subjected to a change in polarity (oxidized or 
reduced) the equivalent weight of the molecule is the gram-molecular 
weight divided by the change in polarity of the oxidized or reduced ele¬ 
ment. If more than 1 atom of the reactive element is present in the 
molecule, the molecular weight is divided by the total change in polarity, 
that is, by the change in polarity multiplied by the number of atoms 
undergoing such change (cf. p. 35). 

Potassium dichromate is one of the well-known oxidizing agents used 
in volumetric analysis. It reacts, for example, with ferrous, stannous, or 
titanous salts and is reduced, thereby, to trivalent chromic salt. Equa¬ 
tions for the reduction of the dichromate ion and oxidation of ferrous 
ion, etc., have been given on p. 36. Expressed in terms of electrons, 
€, the equation for the reduction of dichromate can be written 

CraOy" + 14 H+ + 6 € = 2 Cr+++ + 7 HaO 
and that of the oxidation of ferrous ion 

Fe++ — e = Fe+++ 

These equations represent what actually takes place when the reduc¬ 
tion of the dichromate is accomplished at the cathode and the oxidation 
of the iron is brought about at the anode of an electrolytic cell. There are 
6.06 X 10^^ actual atoms of iron in a gram-atom and if we multiply the 
actual charge of the electron by 6.06 X 10^ we obtain the value 96,500 
coulombs which is called a faraday. When 6 faradays of electricity 
pass through an electrolytic cell containing an acid solution of dichromate 
at the cathode and a ferrous salt at the anode, 1 mole of dichromate will 

77 



78 


OXIDATION AND REDUCTION 


be reduced and 6 moles of ferrous iron will be oxidized. The above 
equations, therefore, show that the equivalent weight of dichromate is 
one-sixth of its molecular weight and of ferrous ion it is one atomic 
weight. The equation 

CraOT ■ + 6 Fe++ + 14 H+ -*-> 2 Cr+++ + 6 + 7 H 2 O 

is one representing six equivalent weights of both dichromate and iron.t 
The equation, of course, could be written with one equivalent weight of 
oxidizer and reducer 

i CraOr + Fe++ + 2| H+ I Cr+++ + Fe^^ + H H 2 O 

but it is better not to use fractional parts of molecules in equations. 

The two following tables show the change in polarity of some of the 
more common oxidizing and reducing agents. In these tables M signi¬ 
fies the weight of 1 mole. 


COMMON OXIDIZING AGENTS 


Reagent 

Polarity 

Change 

Gam m 
nieetrona 

If 

Ch 

0 to -1 

2t 

MI 2 

Bra 

0 to ~1 

2 € 

MI 2 

I* 

0 to —1 

2 e 

M/2 

KaCraO? 

Cr'"' to Cr™ 

Oe 

M/G 

KMn 04 

Mn'T' to Mn-^+ 

5 e 

M/5 

KMn 04 

Mn''“ to Mn*'' 

3e 

M/3 

KBrOs 

Br^ to Br 

Ge 

M/6 

KIO3 

I^tol“ 

Ge 

M/6 

KClOs 

CD to cr 

G 6 

M/6 

Cu 

Cu-^ to Cu+ 

1 € 

M 

NaaOa 

02~“ to 2 0-2 

26 

M/2 

coned. HNO3 

Nv to NO2 

le 

M 

HNOs 

Nv to NO 

3 e 

MjZ 

H2O2 

02“" to 2 0-2 

2 c 

M/2 


COMMON REDUCING AGENTS 


Reagent 

Polarity 

Change 

Loss m 
Electrons 

Equivalent 

Weight 

FeS04 (or any ferrous 
salt) 

to Fe+++ j 

1 e 

M 

SnCl2 

Sn" to Sn'’" 

2e 

M/2 

HI 

r toI° 

1 6 

M 

Zn 

Zn® to Zn-^-^ 

2e 

M/2 

H, 0 , 

O2 to 02 ° 

2c i 

M/2 

H2S 

S-» to S° 

2c 

M/2 

C2O4 

C2or“to2COs 

26 

M/2 

S2O3*- 

S2O8 to S4O6 

6 

M 

HAsOr** 

As™ to As^ 

26 

M/2 

sor'" 

to 

26 

M/2 

AS2O8 

As™ to As"^ 

4 6 


TiCU 

Ti™ to Tiiv 

1 6 

M 

Fe 

Fe° to Fe++ 

2e 

MI2 

Fe dissolved in acid 

Fe++ to Fe*^ 

Ic 

M 
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From these tables of equivalent weights it is easy to write equations 
and compute results. It is not necessarily true that there will be a 
definite reaction between any given reducing agent and any oxidizing 
agent. Thus the oxidation of 8203 ' to 8405 " ~ will go easily with 
iodine solution but does not take place in the same way with perman¬ 
ganate although permanganate can be standardized indirectly against 
thiosulfate by allowing the permanganate to liberate I 2 from KI in acid 
solution and titrating the liberated I 2 with thiosulfate. Under certain 
conditions, HAsOa" ~ can be oxidized ]^HAs 04 "“ by Mn 04 '* in acid 
solution. The tables show that HASO 3/2 and Mn 04/5 are equivalents, 
therefore, 

5 HAsOs" ■ + 2 Mn 04 - + 6 H+ -> 5 HA 804 “ " + 2 Mn++ + 3 H 2 O 

In such equations, when the oxidizer and reducer have been balanced 
and the proper products placed on the right-hand side, if there are then 
more positive charges on the right than on the left, add the requisite 
number of H+ to the left side. If there are already more positive charges 
on the left, add water and form H'*’ therefrom on the right. One must 
bear in mind, however, the conditions under which the reaction takes 
place and not form H+ on the right if the solution is kept alkaline nor 
use on the left if the solution is alkaline. In such cases OH~ can be 
formed on the right or added to the left side of the equation. 


Electrochemical Theory of Oxidation-Reduction 

Some of the reactions of acidimetry and alkalimetry are best under¬ 
stood by considering the ionization constants of the acids and bases and 
by applying the mass-action principle to the ionization of weak acids 
and bases. The strength of an acid, or of a base, can be expressed either 
in terms of these ionization constants or of the pn values of solutions of 
the same normal concentration. Thus if we were to take tenth-normal 
solutions of all acids and bases, measure the pn value of each of these 
solutions, and make a table arranging these acids and bases in order 
corresponding to increasing pn, we should find at the top of the table 
the strong mineral acids, HCl and HNO3, with a pn of nearly 1 in tenth- 
normal solution, and at the bottom of the table the alkali hydroxides 
with a ph of nearly 13. 

In such a table, we would find that the pn of a solution of an acid 
becomes larger as the ionization constant diminishes and the pn of a 
solution of a base becomes smaller as its ionization constant diminishes. 

of the extremely weak acids show the same pn as equivalent con* 
centraUons of some of the very weak bases. 
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A salt of a weak acid added to a solution of a stronger acid raises the 
Ph value; for example, we find that sodium acetate added to a solution 
of hydrochloric acid reduces the hydrogen-ion concentration and in that 
sense neutralizes the hydrochloric acid. When the difference in the 
ionization constants of two acids varies by about 10^ it takes only a very 
small quantity of the stronger acid to furnish as many hydrogen ions as 
a fairly large quantity of the weaker acid does, and we can titrate all 
of the stronger acid before an appreciable quantity of the weaker acid 
reacts with the added base; if at some part of the solution some of the 
weaker acid is neutralized, the salt formed will at once enter into equilib¬ 
rium with the hydrogen ions from the stronger acid, so that the final 
effect will be that only the strong acid is neutralized at the first end point. 

In considering the reactions of oxidation-reduction it is useful to 
prepare a table to show the relative strengths of the various oxidizing 
and reducing agents. Just as all acids and bases can be classified in a 
common table on the basis of the pn values, so it is possible to prepare a 
single table which will show the tendency of each substance to undergo 
oxidation or reduction. Such a table can be called a potential series. 
It has been called a table of oxidation potentials. Just as we could use 
the concentration of OH” as a basis of comparing dilute solutions of 
acids and bases instead of the concentration of because the product 
[H+] X [OH”] is equal to 10 in every solution at room temperature, 
so we can call the table one of reduction potentials since oxidation is just 
the opposite to reduction and all we have to do is to change the sign. 
In some text-books, the same table is called one of electrode potentials. 
Whatever the table may be called, it is customary to place the strong 
reducing agents at the top of the table and end with the strong oxidizing 
agents. Thus, in considering the free elements with respect to their 
tendencies to undergo oxidation or reduction, we place the alkali metals 
at the top of the list and the non-metal oxygen followed by fluorine at 
the bottom. 

It has already been pointed out that a substance is said to be oxidized 
or reduced when some atom it contains has undergone a change in po¬ 
larity. Oxidation results when the polarity is increased, and reduction 
when the polarity is decreased. In terms of the electron theory, an 
increase in polarity means the loss of one or more electrons by an atom. 
Our definition of oxidation, therefore, has lost its original significance 
of necessarily having something to do with oxygen. The atom of 
oxygen is believed to consist of a nucleus around which eight electrons 
are circulating, probably in elliptical orbits. The path of the first two 
electrons, like that of the electrons around the helium nucleus, lies closer 
to the nucleus than that of the other six electrons, and we say that oxy^ 
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gen belongs in Family VI of the periodic table. When oxygen enters 
into combination with another element to form an oxide other than a 
peroxide, it accepts two electrons from the other element. Even if 
there is no ionization of the oxide molecule, it is reasonable to assume 
that the oxygen is negative with respect to the other element and that it 
has become negative by receiving electrons. Thus, in the water mol¬ 
ecule, we are accustomed to think of the hydrogen as being positive to 
the oxygen although the electron of each hydrogen atom may be merely 
shared with the oxygen. Whenever, therefore, any atom gives up one 
or more of its electrons to some other atom, or even if it merely shares 
one or more of its electrons with some other atom, the atom to which 
the electron or electrons originally belonged is said to be oxidized and 
the element offered the electron is said to be reduced. 

This electronic conception of oxidation and reduction makes it easy 
to see why an oxidation is always accompanied by a reduction. A 
transfer of electrons takes place whenever an electric current flows 
through an aqueous solution containing an electrolyte. At the anode, 
where electrons pass from the solution to the wire, some substance is 
oxidized. This oxidation may be the liberation of oxygen gas, the libera¬ 
tion of halogen gas, the dissolving of a metal electrode, the deposition of 
a higher oxide such as Pb 02 or Mn 02 upon the anode, or the oxidation of 
some substance present in the electrolyzed solution such as a ferrous salt. 
At the same time that an oxidation takes place at the anode, electrons 
enter the solution at the cathode and a reduction takes place. This 
reduction may be the deposition of copper upon the cathode, the libera¬ 
tion of hydrogen gas, or the reduction of some substance in solution such 
as ferric salt, permanganate, or chromate. The only difference between 
oxidation and reduction that take place solely as a result of chemical 
reaction and oxidation and reduction during electrolysis is that they take 
place side by side in the chemical reaction whereas during electrolysis 
they may take place at some distance apart. Moreover, a chemical 
reaction of oxidation-reduction can be used as a source of an electric 
current. 

If we place a piece of zinc in a solution of zinc sulfate and a piece of 
copper in a solution of copper sulfate and connect the two solutions by 
means of an inverted U-tube containing ammonium chloride solution, 
there will be no appreciable reaction until the copper and zinc are con¬ 
nected by a wire outside the solutions. Then a current will flow, 
electrons will pass from the wire to the solution and deposit copper, 
and electrons will leave the zinc and pass to the wire, forming zinc ions 
in the solution. The zinc, according to our definition, is oxidized and 
the copper is reduced; the two reactions take place simultaneously, and 
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the effect is the same as if the piece of zinc were placed directly in the 
copper sulfate solution except that in that case we could not get any 
evidence of an electric current. So in precisely the same way we can 
produce an electric current by making use of the reaction between po¬ 
tassium dichromate and some substance that it oxidizes, such as hydro¬ 
gen sulfide or ferrous chloride. To get the electric current in a wire, we 
must place the acid solution of dichromate in one vessel and the hydro¬ 
gen sulfide or ferrous salt in another. We must provide some indifferent 
electrolyte between the two solutions, and place an insoluble electrode 
in each solution. Then, as soon as the electrodes are connected by a 
wire, a current will flow. The dichromate will be reduced in one vessel 
and the hydrogen sulfide or ferrous salt will be oxidized in the other, and 
the final effect will be exactly the same as if the dichromate solution were 
added directly to the solution of the ferrous salt. 

The potential series of the elements, therefore, can be expanded to 
include almost every reaction of oxidation or reduction, although, to be 
sure, it is sometimes difficult to measure the electrode potentials and 
many of them are nM; known with any degree of exactness. The meas¬ 
urement of the potentials, as will be explained more in detail in the chap¬ 
ter on Potentiometric Titrations, is usually accomplished by measuring 
the potential difference between two electrodes choosing as one electrode 
a standard half-cell of definitely known potential. 

These potentials enable one to predict whether a given oxidation is 
likely to take place to completion so that it can be used in quantitative 
analysis. They do not tell, however, whether the speed of the reaction 
is sufficiently high to make the process satisfactory. Thus perman^ 
ganate should be able to oxidize the reduced forms of substances listed 
about 0.15 volt higher in the table, but often the reaction takes place too 
slowly, as in the reaction with oxalic acid at room temperature. The 
presence of a catalyst is often needed. 

The mass-action law applies to every oxidation-reduction reaction, 
and it is important that the beginner should understand such applica¬ 
tion. It will be shown in the chapter devoted to the Theory of Elec-- 
trolysis that the potential of a metal against a solution of its ions is 
governed by the mathematical expression 

Eib - Eo - ^ log c 

when Eis is the observed electrode potential at 18®, Eo is the potential 
given in the table (corresponding to the potential of the metal in a molal 
solution of its ions), n is the change in polarity, and c is the concentration 
of the ions expressed in moles per liter. The value 0.058 is a constant 
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which varies with the absolute temperature; at 25° it is 0.059. The 
equation shows that the observed potential goes upward by 0.058 volt 
for a change of valence of one, or 0.029 volt for a valence change of 
two, when the concentration of the ions in the solution is 0.1 molal 
instead of molal. This means that the metal is easier to oxidize when 
the solution does not contain many of its ions and harder to deposit by 
electrolysis. 


The student may notice that the above equation is often written with a positive 
sign on the right-hand side. This is bec^ause physicists and many chemists are 
accustomed to call the potentials negative at the top of the table and positive at the 
bottom with hydrogen at 0.00. It is purely arbitrary whether a given potential is 
called positive or negative with respect to hydrogen, and depends entirely on the 
definition of what is meant by positive. The chemist usually thinks of the elements 
at the top of the column as positive elements, but in making up an electrolytic cell, 
the positive to negative direction of the current in the wire is always from the lower 
to the higher member of the series. Thus in the Daniell cell, the physicist considers 
the zinc immersed in zinc sulfate solution as the negative element and the copper 
immersed in copper sulfate solution as the positive element. Zinc is positive to 
copper in the solution, and copj>er is positive to zinc in jjjae wire. In this book, 
therefore, the potentials given are reduction potentials, and if the sign before each 
value is changed the table becomes one of oxidation potentials. In the latter case 
the above eejuation becomes 


„ „ , 0.058, 

.£^18 = Eo H-log c or 


„ 0.058, 1 

-r- log - 

n c 


The following table gives the reduction potentials of some of the 
common substances which easily undergo oxidation or reduction. Some 
of the potentials are not known exactly, but the relative position in the 
table is approximately that given. The values of E[) are for the case 
when the concentrations of both the oxidized and reduced forms are 
equal to 1 molal. If the hydrogen ion enters into the reaction, the 
values correspond to the presence of sufficient hydrogen ions to make the 
solution molal. The concentration of water is assumed to be constant 
and not changed appreciably by the progress of the reaction. The 
letter e in the equilibrium expressions represents a gram-electron or 
electricity corresponding to 1 faraday = 96,500 coulombs or 26.82 
ampere-hours. 

The electrode reaction for a simple case of oxidation-reduction in which 
no other substance participates can be written 

Ox + ne^ Red 

when Ox represents the oxidized form, Red, the reduced form, n the 
change in polarity, and e the electron (faraday in case of the gram- 
atom). The equilibrium between a metal and its ions is a special case 
in which the metal represents the reduced form, and since the metal as 
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NORMAL REDUCTION POTENTIALS 


Oxidized Form 

Reduced Form 

Change in 
PolaritA 

Electrode Reaction 

Normal Po¬ 
tential or J5o in 
Volts 

K+ 

K 

1 


2 92 


Ca 

2 

Ca'''^+2 e Ca 

2 9 


Mr 

2 

Mg++-b26^Mj^ 

2 40 

Zn-^ 

Zn 

2 

Zn^-f2ef±Zn 

0 76 

Fe^ 

Fe 

2 

Fe+++2c^Fe 

0 43 

H+ 

h H, 

1 

H++C i H, 

0 00 

SO4"- 

s~~ 

8 

S04"+8 II++0 e S f 4 H2O 

? 

'j’j++++ 

Tif++ 

1 


-0 04 

1 

8^” 

2 

8°+2c^S~" 

-0 09? 

804“" 

8o.r" 

2 

S0r"+2ef:iS0a'" 

? 

1 S,0." 

8,03 

1 

1 S4O6 -\-e HiC >3 

-0 13 


8n+-+ 

2 

8n-^+++2er^8rF^ 

-0 14 

Cu-^ 

Cu 

2 

Cu-^+2(>?=iCu 

-0 34 

V02^^ 

XJ++++ 

2 

1102-^+4 H++2 f +++-f 2 H2O 

-0 36 


Cii-^ 

1 

Cu-«'+2cr+cj^>Curir 

-0 46 

Fe(CN)6— 

Fe(CN)«- 

1 

Fc(CN)«-+ci^Fe(CN)e- 

-0 49 

CO, 

CA),"' 

2 

2C02+2p,-CA)r" 

? 

iL 

r 

1 

2 + I 

-0.54 

H3Sb()4 * 

risSbOs 


H,8b04-f 5 n++2 e Sb^^+H-4 H^O 
Il38b04+H20+2 4- H3Sb034-2 OH 

}' 

H3A8O4 

H3ASO3 

2 

H3ASO4+2 IH-l-2 f ?=i ILAsOa + HaO 

-0 57 

HNO2 

NO 

1 

NOr+2 H-^+e NO+H2O 

-0 7? 


Fe^ 

1 

Fe‘‘^+f T=± Fe"^ 

-0 75 

0 

> 

V0++ 

1 

V03“+4 ;r± V0+++2 H2O 

-0 92 

Dil. HWOs 

HNO2 

2 

N03"-1-2 H++2 e N02"-hH20 

-0 9 

Cone. HNO3 

NO2 

1 

N03"+2 r 4=± N02+H2() 

? 

lOs"* 

r 

6 

lOa'-f 6 H++0 e l"+3 H2O 

-1 02? 

i Br, 

Br 

1 

1 Br2-f e Br" 

-1 07 

O2 

H2O2 

2 

024-211+4-2^4=^11202 

-1 08 

CraOr-^ 

2 Cr+++ 

6 

Cr207“4' 14 n+4-6 6' 2 Cr+++4-7 H2O 

-1 3 

Mn02 

Mn^+ 

2 

Mn024-4 H+4-2 e 4=^ Mn++4"2 H,0 

-1 33 

^CL 

cr 

1 

^ Cl24“^ ^ Cl 

-1 36 

Ce++++ 

Ce^“++ 

1 

‘ Ce++++4'e Ce+++ 

-1 45 

BrOj" 

Br" 

6 

Br08"4-6 H+4-6 e 4=^ Br-4-3 H2O 

-1 48 

Mn04“ 

Mn++ 

5 

Mn04'‘4-8 H++5 e ?=iJV4n++4-4 H2O 

-1 62 

Mn04"’ 

MnOa 

3 

Mn04''4-4 H+4-3 f 4=i Mn02+2 H2O 

-1.58 


2 SO4— 

2 

82O8 4"2 6 2 SO4 

? 

HsOs 

H2O 

2 

H2024-2H+4-2e?±2H20 

-1.9 

NaBiOa 

Bi+++ 

2 

NaBi084-6 H+4-2 e-^Na++Bi++^'4-3H20 

? 


F“ 

1 

i Fa+e Thi- F" 

-2,8 
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such is insoluble in water, its concentration does not enter into consider¬ 
ation. The equilibrium is the same whether we take a wire or a thick 
rod of the metal. If, however, the substance exists to an appreciable 
extent dissolved in the solution, the concentration of both Ox and Red 
has an effect upon the final state of equilibrium. Expressing these 
concentrations in moles per liter as [Ox] and [Red], the expression for 
the normal potential becomes 


Ei 8 — £^0 


0.058, [Ox] 

-IT m 


The value Eo is that given in the table where it is assumed that each 
concentration is that of a rnolal solution. Then since [Ox] = [Red] and 
the log of 1 == 0 , the second term disappears and Eis = Eq. 

If hydrogen or hydroxyl ions take part in the reaction they also 
influence the final stale of equilibrium. Thus, in the reaction H 3 A 8 O 4 + 
2 H"*" + 2 c ^ HaAsOa + H 2 O, the potential is determined by the 
equation: 


Eis = Eo 


0.058 , [HaAs04] 

2 [HaAsOa] 


and in the reaction Mn 04 + 8 + 5 e ^ 

tial is determined by the equation 


Mn++ + 4 H 2 O the poten- 


Eis — Eq 


0.058, [Mn04l [H+]« 
5 lMn++] 


In these last two cases it is not necessary to take the H 2 O into con¬ 
sideration because when the reaction takes place in a dilute solution the 
concentration of the water does not change appreciably as a resul|,of the 
progress of the oxidation and reduction. The concentration of the 
hydrogen ions determines the final state of equilibrium to a marked 
degree in the above reactions. Thus, in a strongly acid solution, 
arsenic acid can be reduced quantitatively to arsenious acid by means 
of potassium iodide, but in a slightly alkaline solution, arsenite can be 
oxidized completely to arsenate by iodine. The above arsenate-arsenite 
equation can be written 


Eis = Eo 


0.058, [HaAsOJ 
2 [HaAsOa] 


0.058 

2 


log [HP 


and in this form can be used to calculate the effect of changes in hy¬ 
drogen-ion concentration or to calculate the effect of changes in the 
[H3ASO4] to [HaAsOa] ratio at a definite concentration of hydrogen ions. 

With permanganate, the reduction products are different at different 
concentrations of hydrogen ions. Thus in acid solutions, Mn*^ is the? 
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usual product; in neutral or slightly alkaline solutions Mn 02 is usually 
formed; and in strongly alkaline solutions green Mn 04 ~~ is sometimes 
obtained. 

The use of the table of normal potentials can be illustrated by few examples. 

1. If 100 ml of a solution contains only 0.06 mg of Cu ions, whxit mil be the electrode 
potential of copper against this solution? This question is of importance in considering 
precipitation of copper by a baser metal such as iron or in considering the electrolytic 
deposition of copper. As the solution becomes dilute, it becomes harder to pre¬ 
cipitate copper, but since we usually weigh only to 0.1 mg we can call the precipita¬ 
tion of the copper complete when only 0.06 mg remains in 100 ml of solution. Such 
a solution is 10“® molal in Cu‘^+. We find in the table that Eo for Cu is —0.034 
volt. Then Ej the desired potential, can be computed from the equation 

Eli = -0.34 10-“ = -0.34 +0.145 = -0.195 volt 

Since this value is below that of hydrogen, it follows that copper can be deposited 
completely from a solution containing acid either by metallic iron or by electrolysis. 
If the value had come out greater than 0.00, it would have been proved impossible 
to precipitate all the metal in the presence of a normal solution of hydrogen ions. 

2. What mil be the reduction potential of in a solution containing 0.28 g 

of iron in 250 ml of solution when all but 0.028 mg is present in the ferric condition? 
In titration analyses we try to work to an accuracy of 1 part in 1000. If, therefore, 
we attempt to analyze a solution by measuring the volume of oxidizing reagent 
required to oxidize the iron from the ferrous to the ferric state we can call the reaction 
complete when only 1 part in 10,000 of unoxidized ferrous salt remains. As the 
ferrous ions are oxidized the reduction j)otential of Fe’^'^ ’ /Fe'^’^ falls, and it is desirable 
to know whether it will fall to such a low value that a given oxidizing agent will no 
longer exert an oxidizing effect. In this case, [Fe'^'*"''] = 2 X lO"^; [Fe^+] = 2 X 10“® 
mole per liter. 

2 V 10“2 

^18 = -0.75 - 0.058 log = “0-75 - 0.23 - -0.98 volt 

3. If 200 ml of tenth-normal ferric ions is treated with 200 ml of tenth-normal stannous 
ions, will the reduction of the ferric ions and oxidation of the stannous ions be practically 
complete? 

In the reduction of a solution of ferric chloride with stannous chloride the reaction 
is complicated by the fact that ferric chloride and stannic chloride both form com¬ 
plexes with hydrogen chloride. To illustrate the use of the table of reduction 
potentials, however, we shall assume that the reaction can be expressed as follows: 
2 + Sn**"'*' —► 2 Fe'*"^ -f Sn+‘*^'^, and disregard the fact that ions such as 

FeCb"* and SnCti are present. 

(1) The solution at the start contained 1.117 g of iron in the ferric condition. If 
after the addition of the stannous chloride only 1.1 mg of iron is present in the ferric 
state we can call the reduction sufficiently complete for the purpose of quantitative 
analysis because that corresponds only to an error of 1 part in 1000, which is as 
accurate as most titrations in volumetric analysis. A concentration of 1.1 mg in 
400 ml corresponds to 5 X 10mole per liter of [Fe"^], and the concentration of 
[Fe^^+l will be 5 X 10^ — 5 X 10“®, or, since the calculation is not good to more 
than three significant figures, we can say [Fe“^] « 5 X 10~^ Then, since the 
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equivalent weight of tin in this reaction is one-half the atomic weight, the correspond¬ 
ing concentrations in moles per liter are: [Sn’*^) = 2.5 X 10”®; [Sn^'"^"*"’') — 2.5 X 10”^, 

In the table of normal potentials on p. 84 we find the values Fe'^^/Fe'^ ~ —0.74 
volt and Sn'^+^'^/Sn’^'^ = —0.14, Then applying the Nernst theorem we have, at 
18°: 

K V 10-6 

Ef^ = -0.74 - 0.058 log I ^ - -0.74 + 0.16 = -0.58 volt 

Esn = -0.14 - log 2 5 x"|o^ = - 0.087 = -0.27 volt 

This computation shows that the reduction potential of the Fe'^+'^/Fe^'^ is still below 
that of /Sn'^+ and the ferric ions are still capable of oxidizing stannous ions 

even after 90.9 per cent of the original ferric ions have been reduced. 

(2) The table can be used to compute what the concentrations of ferric and stan¬ 
nous ions will be when a state of equilibrium is reached on mixing 200 ml of tenth- 
normal ferric solution with 200 ml of tenth-normal stannous solution. 

Let E' represent the Fe'^ '*"^/Fe'‘’‘^ potential and E" the Sn'^'^'^‘*'/Sn++ poteential. 
When equilibrium is reached, E' = E". 

Let X ~ fFe'^’^’^J and = [Sn++] at the state of ecjuilibrium. Then [Fe"^^] == 0.05 — x 
and ■^] = 0.025 — but in these last two concentrations there will be no ap- 

preciable error if we neglect the x and terms. 

X 0 02*^ 

E' = —0.74 — 0.058 log = --0.14 — 0.029 log a^id at equilibrium 

-0.74 - 0.058 logx - 0.058 X 1.30 = -0.14 - 0.029 X L30 -f- 0.029 logx 
— 0.087 log X — 0.64; — log x - 6.4 
X = 4 X 10"8 

According to this computation, therefore, the 400 ml of solution will contain 
2.2 X 10“^ mg of iron in the ferric state when equilibrium is reached, which is only 
0.0002 per cent of the original content. 


Preparation and Standardization of Dichromate Solution 

Prepare an approximately tenth-normal solution of potassium di- 
chromate by dissolving not more than 5 g of the salt in water and dilut¬ 
ing the solution to the volume of about 11.* 

Prepare an approximately tenth-normal solution of ferrous ammonium 
sulfate by mixing 40 g of the crystals with 50 ml of 6 N sulfuric acid 
and diluting to about 1 1. The ferrous ions in this solution oxidize 
slowly from atmospheric oxygen that dissolves in the solution. The 
acid is necessary, therefore, to keep the salt in solution since the original 
salt contains acid combined with bivalent ferrous ions and not enough 

* The dichromate solution can be made exactly tenth-normal by dissolving 4.903 g 
of pure K 2 Cr 207 in water, making up to exactly 1 1 in a volumetric flask and mixing 
well by pouring the solution back and forth from the flask to a dry beaker and back 
to the flask at least four times. 
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for the trivalent iron formed by oxidation. The strength of this solu¬ 
tion will diminish slowly from day to day. The dichromate solution, 
on the other hand, is very stable. 

To determine the relative strengths of the two solutions, fill a glass- 
stoppered buret with the dichromatc solution, taking the usual precau¬ 
tions with respect to cleaning and rinsing, and fill a plain buret with the 
ferrous solution. Or, since the relative strengths of the two solutions 
change slightly from day to day and the determination may have to be 
repeated frequently, it is somewhat more convenient to use a 25-ml 
pipet for the ferrous solution, cleaning the pipet carefully (see p. 29) 
and rinsing it with three portions of the solution. 

Run out from the buret about 40 ml of the ferrous solution into a 
beaker or flask of about 300-ml capacity. Add 10 ml of 6 TV hydro¬ 
chloric acid and 100 ml of water. Mix and titrate with the potassium 
dichromate solution. 

Determination of the End Point — The end point of this titration 
can be determined in three ways: (1) by means of an external in¬ 
dicator, (2) by an internal indicator, and (3) by the potentiometer. 

(1) The end point of the titration of ferrous ions with diohromate can he deter¬ 
mined by taking a drop of the solution and testing it on a white porcelain “spot 
platewith a drop of potassium ferricyanide solution. This method is capable of 
giving excellent results after a little practice. Objections can be raised that some 
of the solution is lost by taking out the drops of solution for the tests, and if the 
testing is started too soon, the loss may be appreciable. Since a drop of 0.05 ml is 
only 1/4,000 of a total volume of 200 ml, this error is not serious if the iron content 
is less than 0.1 g when the first test is made. Another difficulty lies in the fact that 
a negative test for Fe'^'*’ in a single drop of solution does not prove positively that 
the entire solution contains less than 0.2 mg of unless the test serves to indicate 
0.00005 mg of Fe"’"''" in the drop taken. 

(2) Just as there are dyestuffs which change color at a definite pn value of an 

aqueous solution and serve as indicators in alkalimetry and acidimetry, so there are 
certain organic substancses which change color as a result of oxidation or reduction. 
Diphenylamine, (C 6 H 4 ) 2 NH, diphenylbenzidine [—CbH 4 -NH-C 6 H 6 ] 2 , and diphenyl- 
amine sulfonic acid, (C«H 4 )NH(C 6 H 8 *S 08 H), are such substances. Each of these 
substances is oxidized less readily than ferrous ions. During the oxidation of Fe^"^ 
by Cr 207 , the Fe'^/Fe'*^ potential falls as the concentration of Fe'*‘+ becomes 

smaller and that of the Fe"*^ becomes larger, or, in other words, it becomes harder 
for the oxidation to take place. There is not quite enough difference between the 
oxidation-reduction potentials of the Fe'^/Fe"*^'*' and that of the above-mentioned 
organic substances to make sure that the oxidation of the Fe+‘‘‘ is complete before 
that of the amine starts, but this difficulty as well as the effect of yellow ferric chloride 
in the solution can be overcome by adding some phosphoric acid which removes 
j’e-H-j* and FeCla from the solution, forming a colorless acid phosphate complex. 
On the other hand, it requires a measurable quantity of the dichromate solution tp 
accomplish the oxidation of the organic compoxmd. This causes a slight error in the 
opposite direction. 
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(3) Since the oxidation-reduction potential shown by a platinum electrode 
measured against a standard calomel cell changes sharply as soon as 1 drop of 0.1 AT 
dichromate solution in excess is added, the potentiometer is capable of indicating a 
sharp end point in the titration of a ferrous solution with dichromate. This will be 
discussed at greater length in a later chapter of this book. 

The student may choose either of the following two methods for 
determining the end point. It is important to use the same method in 
standardizing the solution as in the analysis because a slight excess of 
reagent causes a low standardization value and a high value in an analy¬ 
sis. A titration error, therefore, is compensated when the same error 
is made in the standardization and in the analysis. The compensation 
is exact when the same volume of reagent is used in the analysis as in 
the standardization. 

1. Prepare a fresh solution of about 10 mg of pure potassium ferri- 
cyanide in 10 ml of distilled water. Do not attempt to use a solution 
that was prepared on another day. With a stirring-rod, transfer small 
drops of this indicator solution to the cavities in a spot plate or to a 
paraffin coating on a white surface. When about 30 ml of the dichromate 
solution have been added from a buret, take out a drop of the solution 
on the end of a stirring-rod and add it to a drop of the potassium ferri- 
cyanide solution. Wash the stirring-rod before returning it to the 
solution. If the test shows an intense blue color, continue adding the 
dichromate in 1.0 to 0.25 ml portions until only a light blue test is 
obtained, and then test after each drop or two. 

If the indicator solution has stood for some time and a little ferrocyanide is present, 
a^good end point will not be obtained. If the indicator solution is too strong or 
more than a small drop is used, the test will appear green instead of blue owing to 
the yellow color of the reagent; and with a strong indicator solution a reddish appear¬ 
ance is sometimes obtained. It is best to add a series of small drops of indicator 
solution to the test plate and add the drops of titrated solution in regular sequence, 
noting the buret reading corresponding to each test made near the end point. Ta}^ 
as end point the first test in which a blue does not develop within 1 minute. 

Compute the value of 1 ml of ferrous solution in terms of the dichro¬ 
mate solution by dividing the volume of dichromate solution required 
by the volume of ferrous solution taken. 

2 . To a carefully measured volume (30-40 ml) of the ferrous solution 
add 5 ml of phosphoric acid, d.1.7, and 0.3 ml of 0.01 M solution of the 
sodium salt of diphenylamine sulfonic acid, and dilute to about 400 ml. 

To prepare the indicator solution, dissolve 0.32 g of the barium salt of diphenyl- 
amine sulfonic acid in 100 ml of water, add 0.5 g of sodium sulfate, mix, and allow 
the barium sulfate precipitate to settle. Decant off the clear solution. If this 
indicator is not available, a solution of 0.2 g diphenylamine in 100 ml of pure, con- 
oentrated sulfuric acid can be used instead. 
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Add the dichromate solution slowly while stirring until the pure green 
color changes to a gray, a greenish gray, or a bluish green if considerable 
iron is present. From this point, add the dichromate 1 drop at a time 
until the €rst tinge of purple appears and remains on stirring. From 
the total volume of dichromate used, subtract 0.05 ml as a blank on the 
indicator. Divide the volume of dichromate required by the volume 
of ferrous solution taken to get the value of 1 ml of the latter in terms 
of the former. 

Standardization of the Dichromate Solution. — Potassium dichromate 
can be obtained sufficiently pure to serve as a standard. A solution of 
potassium dichromate of known strength, therefore, can be obtained by 
weighing out the requisite quantity of the pure, recrystallized salt 
(4.904 g for 1 1 of tenth-normal solution) into a volumetric flask, dis¬ 
solving in a little water, diluting up to the mark, and mixing thoroughly 
by pouring back and forth at least four times into a beaker which is 
clean and dry at the start. The solution can be standardized in three 
ways: (1) against a sample of pure ferrous ammonium sulfate, (2) against 
a sample of pure iron wire or iron of known purity, or (3) against a fer¬ 
rous solution which has been titrated within a few hours against a 
solution of potassium permanganate which has been standardized 
recently against sodium oxalate. If the first method is chosen, it is 
always well to test the solution after it has been prepared by one of the 
other methods. 

Against tlie second method of standardization, objection has been raised that it 
has been found difficult to prepare absolutely pure iron. Moreover, the impurity 
present may be oxidizable so that if the purity of the sample is known it is also 
desirable to know what the impurities are. Electrolytic iron, therefore, has been 
recommended, but even this is sometimes impure and it is troublesome to ask each 
student to prepare his own material. If the sample of iron is in contact with moist 
air, it rusts quickly. Similarly with respect to the ferrous ammonium sulfate, 
FeS 04 *(NH 4 ) 2 S 04*6 H 2 O, or ferrous sulfate, FeS 04-7 H 2 O, it is possible to purchase 
samples which are at least 99.9 per cent pure; but if the open bottle is allowed to 
stand in the air, some water of crystallization is usually lost and salts with so much 
water of crystallization are not ideal standards. For the purposes of instruction, 
*‘iron for standardization’^ or pure ferrous ammonium sulfate (Mohr’s salt) can be 
used satisfactorily, but the student should bear in mind that, although the results 
of his analyses may agree perfectly, the actual values may be as much as 0.25 per cent 
of the total iron content in error when these faulty standards are used. 

1 . Standardization against Pure Ferrous Ammonium Sulfate. — 
Weigh out portions of 1.5-2.0 g of pure Mohr^s salt, recording the weight 
to the nearest milligram. Add 10 ml ^ 6 AT hydrochloric acid dilute 
and titrate promptly with potassium dichromate solution, using the 
same method of determining the end point as that chosen for the pre- 
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liminary titration of dichromate against ferrous sulfate solution (p. 89). 
If the solution stands long it will become oxidized to some extent and 
become useless as a standard. 

Since the equivalent weight of FeS 04 *(NH 4 ) 2 S 04*6 H 2 O the mo¬ 
lecular weight, 392.13, the normal concentration N of the dichromate 


solution will be found by the formula — ^ = iv wnen n mmi- 

liters of dichromate are used in titrating p grams of pure ferrous am¬ 
monium sulfate. 


= N when n milli- 


2. Standardization against Iron. — Weigh out accurately 0.24-0.26 g 
portions of pure, bright iron wire, handling it as little as possible, rolling 
it up so that it will not interfere with the free movement of the balance 
and discarding any rusty wire. Drop each weighed portion of wire into 
an Erlenmeyer flask containing 30 ml of 6 hydrochloric acid. Place 
a small watch glass on the flask or, still better, a stemless, 40-mm funnel 
in the neck, and heat gently until all the wire is dissolved. Wash down 
the sides of the flask with a little hot water and add stannous chloride 
from a dropper until the solution is colorless,* but avoid adding an 
excess. Dilute with 150 ml of water, cool under the water faucet, and 
add 10 ml of mercuric chloride solution. Allow to stand about 2 min¬ 
utes and titrate with dichromate, determining the end point as described 
on p. 89. 

From the net volume of potassium dichromate solution, n milliliters, 
required to oxidize a solution of ferrous salt from p grams of iron wire, 
compute the normality of the dichromate solution as follows: 


V 

n X 0.05584 


= N 


* There is usually a slight oxidation of the iron and formation of yellow ferric 
chloride, unless special pains are taken to exclude air during the heating and cooling. 

4 Fe++ -f G 2 -f 4 H+ -> 4 Fe+++ + 2 H 2 O Fe+++ -f 3 CF ?:± FeOfe 
The stannous chloride reduces the ferric salt: 

2 FeCla -f" SnCh = 2 FeCh “f“ SnCL 

and the excess deducing agent reacts with mercuric chloride to form a precipitate of 
mercurous chloride: SnCh 4- 2 HgCh Hg 2 Cl 2 4" SnCL, provided a considerable 
excess of mercuric chloride is added. If, however, too much stannous chloride is 
present, some metallic mercury is precipitated; 

SnCh + HgCh SnCL -f Hg 

and the analysis is spoiled; because the precipitated mercury dissolves in acid when 
an oxidizing substance is present. Jhe mercurous chloride precipitate should be 
white and silky in appearance; if it IS dark colored, discard the solution. 

As reagents use a solution of 50 g SnCi2*2 H 2 O in 100 ml of concentrated hydro¬ 
chloric acid, and a solution of 27 g mercuric chloride in a liter of water. 
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3. Indirect StandardizcUion against Sodium Oxalate, — Either of the above 
methods of standardization will give results which are sufficiently accurate for prac¬ 
tice with the potassium dichromate titrations. If, however, it is desired to get results 
which will be correct within less than 0.25 per cent of the total iron content (e.flf., if it 
is desired in the analysis of an iron ore containing 60 per cent FezOs to get results 
which are within less than 0.15 per cent of this value), neither method is satisfactory. 
If the bottle containing the ferrous ammonium sulfate is left standing exposed to the 
air, and this will happen when a sample is kept in a phial under a cork stopper be¬ 
cause cork, unless paraffined, is not impervious to air, there will be a gradual efflo¬ 
rescence of the crystals and as a result the iron content will become greater than the 
theoretical value of the pure salt. When iron wire is used as a standard, there may 
be some unobserved rust on the wire or there may be sufficient impurity in the 
metal to affect the results appreciably. 

The Bureau of Standards will furnish at a reasonable price a sample of sodium 
oxalate which, when handled as directed, may be regarded as better than 99.99 per 
cent pure. The reaction between sodium oxalate and potassium dichromate cannot 
be used to serve as a direct method of standardization. In cold, dilute acid solutions, 
the oxalate ion is not oxidized quantitatively by dichromate. An indirect method, 
however, can be used. 

Procedure, — Standardize a solution of potassium permanganate 
against pure sodium oxalate as directed on p. 99. With the aid of a 
pipet, transfer 25-ml portions of a ferrous sulfate solution (see p. 88) to 
each of four 400-ml beakers or 300-ml Erlenineyer flasks. Titrate two 
of these portions against the potassium permanganate solution which 
has just been standardized and the other two portions against the 
potassium dichromate solution. Then if a milliliters of Wa-normal per¬ 
manganate are used and h milliliters of the dichromate solution, the 

normal concentration Nh, of the latter is ^ • Na = Nb. Each of the 

above titrations should agree within 2 parts in 1000 of its duplicate, and 
the final results should be within 0.2 per cent of the truth. 

Determination of Iron in Limonite 

Weigh out accurately to four decimal places about 0.5 g of finely 
powdered ore into a small porcelain crucible. Using a small flame, roast 
the ore at dull redness for 5 minutes to destroy organic matter. Allow 
the crucible to cool, transfer the limonite to a small beaker, and remove 
the stain in the crucible by heating with four 5-ml portions of 6 W hy¬ 
drochloric acid. Heat the limonite with the acid until the residue no 
longer shows the limonite color. Add stannous chloride dropwise to 
the hot solution until the yellow color due to ferric chloride disappears 
and the solution is nearly colorless,’*' but avoid an excess. If more than 

* The addition of .3 ml of 0.5 per cent stannous chloride solution will hasten the 
dissolving of the limonite. It is important to avoid an excess of stannous chloride 
which will cause reduction of mercuric chloride to mercury and spoil the analysis. 
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1 drop in excess is added, add a little potassium permanganate till a 
yellow color is obtained and repeat the reduction. Cool, dilute to 50 
ml, and quickly add 8 ml of saturated mercuric chloride solution. Wait 
3 minutes to make sure that the reaction is complete, transfer to a larger 
beaker, dilute to about 300 ml, and titrate with dichromate without 
further delay. 


Determination of Chromium in Chromite 

By fusion with sodium peroxide, the trivalent chromium is oxidized to chromate: 

2 FeCr204 -}- 7 Na202 —^ 2 NaFe02 “h 4 Na2Cr04 -j- 2 Na20 

When the melt is leached with water, the iron is precipitated as ferric hydroxide 
and the chromate dissolves: 

NaFe02 + 2 H 2 O — NaOH + Fe(OH)s 

It is well to add a little more peroxide to make sure that the chromium is fully 
oxidized. Then the excess peroxide is decomposed by boiling the alkaline solution, 
the precipitate is dissolved in sulfuric ac;id, a known volume of standard ferrous 
sulfate is added, and the excess ferrous salt is titrated with dichromate. 

Weigh out 0.3-0.5 g of ore into a 30-35 ml iron crucible and mix with 
about 4 g of sodium peroxide, using a dry stirring-rod. Remove any 
adhering powder from the rod by stirring about 1 g of sodium peroxide 
with it. Cover the mixture in the crucible with this last portion of 
peroxide. Place the lid on the crucible and gradually heat the contents 
to the melting point and maintain the fusion temperature for 5-6 
minutes. Allow the melt to cool, place the crucible in a 300-ml beaker, 
and add 150 ml of cold water, keeping the beaker covered to avoid loss 
by effervescence. 

When the fused mass has disintegrated, remove the crucible and wash 
it thoroughly. Add 0.5 g more of peroxide and gradually heat the 
liquid to boiling. Boil very gently for 15 minutes to make sure that 
all peroxide is decomposed. Allow the solution to cool somewhat, make 
distinctly acid to litmus and add 10 ml of 6 JV sulfuric acid in excess. 
Dilute to 200 ml and add, from a clean pipet, which has been rinsed 
three times with a little of the solution, 25 ml of standard (approxi¬ 
mately 0.1 N) ferrous ammonium sulfate solution. Stir and test a 
drop of the solution on a white surface with fresh potassium ferri- 
cyanide solution. If no blue color is obtained, add another 25-ml por¬ 
tion of ferrous salt and continue adding it until an excess is present. 
Then titrate the excess with 0.1 iV potassium dichromate solution. 

On the same day that the analysis is made, take 25 ml of the ferrous 
solution, dilute to 300 ml, add 10 ml of 6 iV sulfuric add, and titrate 
with potassium dichromate solution. Compute the percentage of 
chromium present as follows: 
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Let a = milliliters of iV-normal K2Cr207 required to neutralize one 
pipetful of ferrous solution. 
h = number of pipetfuls of ferrous solution used. 
n == milliliters of K 2 Cr 207 used in the final titration, 
s = weight of sample. 

e = milli-equivalent wt. (0.01734 gCr; 0.02534 g Cr 203 ; 0.03731 g 

FeCr204). 

(a-5 — n)N X e X 100 _ ^ 

— - /O 

The analysis can be made with diphenylamine sulfonic acid as indicator. 
In this case it is necessary to add phosphoric acid, and proceed as de¬ 
scribed on p. 89 after adding enough ferrous salt to give a clear blue 
color to the solution. 


Home Problems 

37. What weights of iron ore should be taken for analysis (a) that the percentage 
of Fe is the same as the milliliters of 0.09 N K 2 Cr 2()7 used and (h) that the percentage 
of Fe 20 s is the same as the milliliters of dichromate used? 

38. In the analysis of an alumino-silicate containing only ferrous Fe, 0.48 g of 
FeaOs and AI2O3 was obtained from 1.4 g of sili(‘ate. The mixed oxides, analyzed 
like limonite, contained iron enough to react with 25 ml of K 2 Cr 2()7 solution of which 
1 ml = 0.0373 g of pure Mohr^s salt. Find the percentage of FeO and of AbOs in the 
silicate. 

39. One hundred milliliters of K 2 Cr 207 solution (10 g per liter), 5 ml of G N 
H 2 S() 4 , and 75.0 ml of FeS 04 solution, containing SO g of FeS 04*7 H 2 O per liter, are 
mixed and titrated with 0.2121 N K 2 Cr 207 . How many milliliters are required? 

40. In the analysis of a sample of chromite the sample weighed 0.45 g and after 
fusion with peroxide was treated with 35 ml of 0.5 N ferrous solution and the excess 
of this solution reacted with 30 ml of 0,12 N dichromate solution. Find the per¬ 
centage of Cr and of Cr20s. 

41. Using the same two standard solutions and the same volume of ferrous solu¬ 
tion as in Problem 40, what weight of chromite should be taken such that th^ per cent 
of Cr can be determined by subtracting the volume of dichromate used from a cer¬ 
tain number? What is the ‘‘certain number^'? (See formula above.) 

42. Answer the same question to get the percentage of Cr 203 by a similar sub¬ 
traction. 

43. If 50.00 ml of 0.09 N dichromate solution are reduced by a certain reducing 
agent and the reduced solution treated with 50.00 ml of 0.08 N ferrous sulfate 
solution to reduce the Cr completely to the trivalent condition, find the valence of 
the Cr in the original reduced state if 27.8 ml of the original dichromate solution 
are required to oxidize the excess of ferrous solution after the last reaction. 

Hint. — From the number of milli-equivalents of chromium taken, the number 
of milligram-atoms can be found. If, in any titration, the number of milli-equivalents 
is divided by the number of milligram-atoms, the quotient is the change in valence. 
A milligram-atom is the atomic weight of the element expressed in milligrams. The 
normal concentration shows the number of milli-equivalents in 1 ml. 



CHAPTER VI 


POTASSIUM PERMANGANATE METHODS 

Manganese, from the standpoint of oxidation-reduction reactions, is an interesting 
element. The potentials relating to the various valence states are given in the 
following table: 


Reaction Volts 

(a) Mn = Mn++ -f 2€ +1.1 

(b) MuOr~ = Mn04‘" + « -0.66 

(c) MnOa + 4 OH” = Mn 04 '" + 2 H 2 O + 3 e -0.69 

(d) MnO. + 4 OH” - Mn 04 '’ + 2 H 2 O + 2 e -0.71 

(e) Mn+-^+ + 2 H 2 O = Mn02 + 4 H+ + € -1.2 

(f) Mn++ + 2 H 2 O = MnOi + 4 H+ + 2 e -1.33 

(g) Mn++ == Mn+++ + e -1.5 

(h) Mn++ + 4 IW = Mn04~ + 8 H+ + 5 c -1.52 

(i) Mn02 + 2 H 2 O = Mn04“‘ + 4 H+ + 3 e -1.63 


In the table, the Greek letter € signifies the electron, or the transfer of one faraday 
(96,500 coulombs) if the gram-atom or gram-molecule is understood. Black-faced 
type signifies that the substance as such is insoluble. 

The formation of a manganous salt from metallic manganese is indicated by 
equation (a). The normal potential of 1.1 volts indicates that the metal is oxidized 
a little more easily than zinc and somewhat less readily than aluminum (which is 
unprotected by an oxide film). Dilute acids, therefore, dissolve the metal with 
evolution of hydrogen and formation of bivalent manganous salt. Nitric acid, 
acjua regia, or halogens in the presence of a strong acid are incapable of oxidizing 
the manganous salt. The bivalent manganous salts, although slightly colored in 
the form of hydrated crystals, yield colorless solutions. 

Salts of trivalent manganese, called manganic salts, are known but they are not 
very stable. Equation (e) shows that it is possible under some conditions to form 
a manganic salt from manganese dioxide and leads one to expect that it ought to be 
possible to oxidize a manganic salt to manganese dioxide in the presence of alkali 
hydroxide or the salt of a weak acid, because, since hydrogen ions are liberated when 
manganic salt is oxidized, the reaction should take place more readily if the hydrogen 
ions are removed as fast as they are formed. The potential of reaction (g) in the 
table indicates that manganic salts are easily reduced to manganous salts in the 
presence of acid. 

Some salts of quadrivalent manganese are known. Thus, cold concentrated 
hydrochloric acid will slowly dissolve manganese dioxide, forming manganese 
tetrachloride. Complex salts, such as K 2 MnF 6 and K 2 MnCl 6 , have been prepared. 
These salts, however, are not stable and are of little interest to the analytical chemist. 
The dioxide, Mn02, occurs in nature as the mineral pyrolusite which is the most 
important source of all manganese compounds and can be regarded as the anhydride 
of manganous acid, HaMnOg, which is known to have salts called manganites. 

95 
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The potential of reaction (c) in the above table indicates that it ought to be possible 
to form Mn 04 “ from Mn 02 , and conversely that Mn 02 can be expected to be formed 
as a reduction product when permanganate acts as an oxidizer. Potassium per¬ 
manganate is much used for the oxidation of many organic compounds in neutral 
or alkaline solutions, and Mn 02 is the reduction product that is usually formed. 
The potential of reaction (d) shows that Mn02 in alkaline solution should be converti¬ 
ble into a manganate, such as Na 2 Mn 04 . All manganese oxides, on being fused with 
caustic alkali or alkali carbonate in the air or in the presence of some oxidizing agent 
such as potassium nitrate, are converted into green alkali manganate, and this re¬ 
action has frequently been used as a sensitive test for manganese. Usually the pre¬ 
cipitate of manganous hydroxide produced by adding sodium hydroxide to the solu¬ 
tion of a manganous salt is fused with sodium carbonate on platinum, and if the melt 
assumes a green color, the presence of manganese is indicated. The potential of 
reaction (f) shows that manganese dioxide is a good ozidizing agent, and this corre¬ 
sponds to the fact that we can dissolve it by treating with acid and any good reducing 
agent, such as a ferrous salt, an oxalate, a sulfite, or hydrogen peroxide. With hot 
concentrated hydrochloric acid, chlorine is formed. 

MnOs -f 2 Fe++ + 4 H+ == Mn++ + 2 Fe+++ + 2 H 2 O 
Mn 02 + C 2 O 4 "" -f 4 H+ == Mn++ + 2 CO 2 -f 2 H 2 O 
Mn02 + H 2 O 2 + 2 H+ = Mn++ + 02 + 2 H 2 O 
Mn 02 + 2 HCl = MnCb + CI 2 

Aside from its characteristic color and use as a qualitative test, the green manga¬ 
nate anion Mn 04 is of little interest to the analytical chemist. Equations (h) 
and (t), however, show that the reduction potential of the manganate anion is close 
to that of the permanganate anion. Sometimes, in the analysis of duplicate samples, 
the chemist finds after an oxidation treatment that one sample is green, showing the 
presence of manganate, and the other is purple owing to the formation of per¬ 
manganate. 

Permanganate ions, Mn 04 ‘’, have such a strong color that a single drop of a 
tenth-normal permanganate solution will impart a perceptible color to 500 ml of 
another solution. Permanganate, therefore, is its own indicator. In most oxida¬ 
tions with permanganate that take place in acid solutions, the permanganate anion 
is reduced to colorless manganous cations and the reduction potential of the per¬ 
manganate under those conditions is shown by equation (h) in the table on p. 95. 
In a nearly neutral solution, however, permanganate is capable of oxidizing man¬ 
ganous ions to the quadrivalent state, to which it is itself reduced. This is the 
so-called Volhard titration. 

3 Mn*^+ + 2 Mn04“ + 2 H 3 O = 6 MnOa + 4 H+ 

The potential values given on p. 95 should not be regarded as absolutely accurate. 
The measurement of some of these potentials is difficult, and sometimes it is hard 
to prevent some side reaction from taking place. The work performed in any 
chemical reaction of oxidation-reduction can be measured in joules or watt-seconds, 
that is, by multipl 3 ing the quantity of electricity involved by the voltage shown. 
If manganese from any valence is converted into manganese at some other valence, 
the work performed is theoretically the same whether the oxidation takes place all 
at once or in several stages. This enables one to compute some of the potential 
values in the table on p. 84 from other values that are given. In making such com¬ 
putations, the signs before the voltages in the table merely indicate which direction 
the current is moving; it is purely arbitrary whether the signs are made positive or 
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negative, and physicists in general use the opposite signs to those given in the table 
because they are thinking of the direction of the current in the wire whereas the 
chemist is thinking of the direction of the current in the solution, as has already been 
pointed out. To show how computations can be made, the following illustration 
will serve: 

Reaction (f) on p. 95 represents the oxidation of bivalent manganese to the quadri¬ 
valent state. Reaction (i) covers the oxidation of (juadrivalent manganese to the 
septavalent state, and reaction (h) the oxidation of bivalent manganese directly to 
the septavalent state. In other words, reaction (h) represents the sum of reactions 
(/) and (f), and the work done is theoretically the same whether the reaction takes 
place in the two stages or all at once. 

Energy is composed of two factors, an intensity factor and a capacity factor. 
The work done is measured by the product of these two factors. Thus, in measuring 
the work done in compressing a gas, we must take into consideration the change in 
volume (capacity factor) and the pressure (intensity factor), and the work done is 
measured by multiplying the pressure by the volume. In electrical units, the work 
done is measured by multiplying the amount of electricity moving (expressed in 
coulombs, ampere-seconds, or amjf)ere-hours, etc.) and the potential difference 
(expressed in volts). In all the reactions given in the table on p. 95, therefore, the 
work done or, as it is sometimes expressed, the change in the free energy^ is propor¬ 
tional to the number of electrons liberated multiplied by the voltage shown. Thus 
in equation (a) the work done is proportional to the product 2X1.1. In the oxida¬ 
tion of a gram-atom of manganese from the metallic to the manganous state, two 
faradays of electricity (2 X 96,500 coulombs or ampere-seconds or 2 X 26.82 
ampere-hours) are involved, and the potential drop is 1.1 volt. 

Then, with respect to equations (/), (t), and (h) in the table on p. 95, if we call the 
respective voltages vi^ i> 2 , and t^s, we have 

2 t>i 4" 3 = 5 t^s 

and if two of these values are known, the third can be computed. In such compu¬ 
tations, it should be borne in mind that none of the values given in the table is to be 
regarded as absolutely correct. Whatever errors there may be in the values given 
for viy V 2 y and are multiplied by 2, 3, and 5, respectively, so that the result of the 
calculation may differ a httle from the value given. Thus 
2 X -1.33 -f 3 X -1.63 = -7.55 

but 5 times the value given for vz in the table is 5 X —1.52 = 7.60, and this is as 
near as such computations can be expected to check. In this particular case, it is 
well to note that reaction (Ji) is the sum of reactions (/) and (z) and not the sum of 
reactions (c) and (/). Reaction (c) is very similar to reaction (z) but refers to a 
solution which is normal in OH” whereas the latter refers to one which is normal 
in H+. 

When potassium permanganate acts as an oxidizing agent in distinctly acid 
solution, the manganese is reduced from a positive valence of 7 to a positive valence 
of 2 — the manganese atom accepts 5 electrons from the substance oxidized: 

Mn 04 ” + 8 H+ + 5 € - Mn++ + 4 H 2 O 

The equivalent weight of potassium permanganate, or the quantity required to 
make 1 1 of normal solution, is, therefore, one-fifth of the molecular weight. In 
many reactions which take place in neutral or alkaline solutions, a precipitate of 
manganese dioxide is formed corresponding to a reduction to the quadiivalent state, 
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but since a solution of potassium permanganate is usually standardized in acid 
solution with complete reduction of the manganese to the bivalent state, it is cu8toi|i- 
ary to express the normality of permanganate on this basis. 

The following equations represent the action of permanganate on some of the 
common substances which are oxidized quantitatively by it: 

Mn 04 " -f 5 Fe++ -f 8 H+ = Mn++ -f 5 Fe+++ + 4 HjO 
2 Mn() 4 " -f 5 C 2 C) 4 ~" + 16 2 Mn++ -f 10 CO 2 -f 8 H 2 O 

2 Mn 04 “ -f 5 Sn-^+ + 16 H+ 2 Mn++ + 5 Sn++++ + 8 H 2 O 

2 Mn04' + 10 1" + 16 H+ 2 Mn++ -f 5 I 2 + 8 H 2 O 

2 Mn04'" -f 3 Mn++ -f 2 H 2 O 5 MnOa + 4 

2 Mn 04 “' + 5 H 2 O 2 -h 6 H+ 2 Mn++ + 8 H 2 O + 5 O 2 T 


Preparation of Tenth-normal Permanganate Solution 

Weigh out on a watch glass approximately 3.2 g of potassium per¬ 
manganate crystals and dissolve in 1 1 of water. Boil the solution 
10-15 minutes, allow to stand over night, or longer, and filter through 
asbestos. 


Preparation of Asbestos Filters 


Cut some long-fibered, soft asbestos, of the non-hydrated variety, into pieces 
i cm long, and digest with concentrated hydrochloric acud upon the water-bath for 



an hour. A good sample of asbestos will then be 
separated into very small fibers. Collect the mass 
in a funnel upon a filter plate, and wash with water 
until free from chloride. Such washed asbestos can 
now be purchased from dealers in chemicals. 

For the preparation of a Gooch filter, shake some 
of the material with water in a flask, so that a thin 
suspension is formed. Stretch a piece of thin rubber 
tubing (Fig. 9) over a funnel and place the Gooch 
crucible T in the opening. The funnel should be 
large enough so that the crucible is suspended by 
the rubber without touching the sides of the funnel. 
Pour enough asbestos into the crucible to produce a 
layer of 1 to 2 mm thickness, place a small filter 
plate (Fig. 10, P) upon this layer, and pour a little 
more of the asbestos suspension into the crucible. 
Wash the felt with water until no asbestos fibers run 
through, and, in order to see them, pour the liquid 
into a small beaker. Usually such a filter is pre- 
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pared and used with a gentle suction, but in many cases it filters more rapidly than 
paper without it. 

For filtering the permanganate solution a thin asbestos felt on top of some glass 
wool in an ordinary funnel is satisfactory and with such a filter no suction is needed. 
This is better than a Gooch filter, as contact of the permanganate solution with 
rubber should be avoided. 

The end point in a permanganate titration is easily obtained because 
1 drop of the permanganate in excess imparts a distinct pink color to 
the solution. In permanganate work, therefore, there is not so much 
danger of running over the end point as with dichromate titrations and 
it is not necessary to have a solution on hand to titrate back with when 
the end point is over-stepped. Many analyses, however, are accom¬ 
plished by adding a measured volume of reducing agent of known 
strength and titrating the excess with permanganate. A solution of a 
ferrous salt is the commonest reducing agent thus used but, as it oxidizes 
slowly on standing, its strength must be determined every day that it is 
used. A ptire permanganate solution will keep indefinitely provided 
it is kept in the dark, free from dust and reducing vapors. Ordinary 
distilled water, unless permanganate was present in the boiler, contains 
traces of organic material which will reduce permanganate slowly and 
this is why it is well to boil the solution, let it stand some time before 
using it and then filter it. Manganese dioxide is usually formed when 
the permanganate decomposes, and the presence of this substance serves 
to catalyze further decomposition so that it should be removed by 
filtration. 


Standardization of Permanganate Solution 

1. Agaimt Sodium Oxalate (Sorensen)* 

1000 ml of 0.1 N permanganate solution = 6.700 g Na 2 C 204 

Sodium oxalate suitable for standardizing solutions can be obtained 
from the Bureau of Standards at Washington, D. C. This is the most 
reliable standard of all those that have been proposed. Dry the sample 
for an hour at 130°. For the standardization McBride recommends f 
the following procedure. 

In a 400-ml beaker, dissolve 0.25-0.3 g of sodium oxalate in 200-250 
ml of hot water (80-90°) and add 10 ml of 18 N sulfuric acid. Titrate 
at once with 0.1 iV KMn 04 solution, stirring the liquid vigorously and 
continuously. The permanganate must not be added more rapidly 
than 10-15 ml per minute, and the last 0.5-1 ml must be added drop- 

* Z. anal. Chem., 42, 352, 512 (1903); 46, 272 (1906). 

t /. Am. Chem. Soc., 34, 393 (1912). 
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wise with particular care to allow each drop to be fully decolorized 
before the next is introduced. The excess of permanganate used to 
cause an end-point color should be estimated by matching the color in 
another beaker containing the same bulk of acid and hot water. The 
temperature of the solution should not be below 60° by the time the 
end point is reached; more rapid cooling may be prevented by allowing 
the beaker to stand on a small asbestos-covered hot plate during the 
titration. The use of a small thermometer as stirring rod is most 
convenient in these titrations, as the variation of temperature is then 

easily observed. 

2. Against Oxalic Acid 

Owing to its water of crystallization, 
oxalic acid, H 2 C 204-2 H 2 O is not as reli¬ 
able a standard as the sodium salt. Its 
equivalent weight is | mole = 63.03, the 
same as when it acts as an acid. 

It is sometimes desirable to check up 
the oxidimetric and alkalimetric stand¬ 
ards; and oxalic acid, potassium binoxa- 
late, and potassium tetroxalate either as 
dry salt or in solution can serve for this 
purpose. The method of titrating is the 
same as in 1. The equivalent weights of 
these three substances are quite similar as 
reducing agents but very different as 
acids. Thus in a liter of aqueous solution 
the tabulated relationships hold. 



Weight per liter 

Normality 
as Acid 

Normality 
as Reducer 

.^(Srmole = 63.03 g HjO 

IN 

IN 

O.S-mole = 64.06 gKHCsOi 

0.5 AT 

IN 

0.25 mole = 63.64 gKHCsOj-HjCsO.^H^O 

0.75 N 

1 N 


3. Against Metallic Iron 

It was formerly the general practice to standardize permanganate 
against iron wire, particularly when the standard solution was to be 
used for the titration of iron ores. The practice is not to be recom¬ 
mended because of the readiness with which the material rusts and 
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because a low carbon content influences the results, not always in the 
same way. If, however, a solution of permanganate is standardized 
against sodium oxalate and also against iron wire, then the appare^it 
iron value of the wire is known and it can be used as a standard. 
The method is as follows. 

Weigh out 0.2 g of the wire into a 200-250-ml flask as shown in Fig. 
11. Displace the air by introducing a stream of carbon dioxide, which 
has passed through a bottle containing water and another containing 
copper sulfate solution (to remove H 2 S). Dissolve the wire in 55 ml 
of 3.6 N sulfuric acid. During the dissolving of the wire, support the 
flask as shown in the drawing, and with the gas-exit tube closed with a 
rubber stopper which is connected with a Bunsen valve.* Heat the 
contents of the flask by means of a low flame until the wire has all 
dissolved, then boil the solution gently for a short time. Allow to 
cool, remove the stopper, and titrate with permanganate. 

Uses of Permanganate Solution 
1. Determination of Iron 
(a) Method of Margueritte (1846) 

[ 0.005584 g Fe 

1 ml of 0.1 N KMn 04 corresponds to I 0.007184 g FeO 

I 0.007984 g FegOg 

In this determination the iron is oxidized from the ferrous to the ferric 
condition: 

2 KMn 04 + 10 FeS 04+8 H2SO4 = K 2 SO 4+2 MnS 04+5 Fe 2 (S 04 ) 3+8 H 2 O 

To each 100 ml of the ferrous salt solution add 5 ml of sulfuric acid, 
and at a volume of about 400 ml titrate in the cold by adding potassium 
permanganate from a buret with glass stopcock until a permanent pink 
color is obtained. 

This determination affords very accurate results and is unquestion¬ 
ably one of the best methods for determining iron. 

* A Bunsen valve consists of a short piece of rubber tubing with a cut along a few 
centimeters on one side, and the outer end of the tubing is closed by a glass rod. 
This valve prevents the entrance of air from without. A flask larger than 250-irLl 
capacity is likely to be so thin as to break during the cooling of the iron solution. 
In Fig. 11, instead of using a glass rod at the end of the valve, a glass tube is used 
which is sealed at one end, and has a hole on one side. This tube serves to prevent 
the collapse of the rubber tubing at the place where the slit is formed. 
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TITRATION OF FERROUS SALTS IN HYDROCHLORIC ACID SOLUTION 

The titration of iron in hydrochloric acid solution gives high results 
unless particular precautions are taken. If dilute permanganate solu¬ 
tion is allowed to run into a cold dilute solution of ferrous chloride con¬ 
taining hydrochloric acid, the permanganate is decolorized and the iron 
is oxidized, but there is noticeable evolution of chlorine.* More per¬ 
manganate is used than is necessary to oxidize the ferrous salt to the 
ferric condition. 

If, however, permanganate is run into cold, dilute hydrochloric acid, 
in the absence of ferrous salt, there is no evolution of chlorine. Fur¬ 
thermore, the presence of a ferric salt does not cause evolution of chlo¬ 
rine. The chlorine, therefore, is not a result of the direct action of the 
permanganate upon the hydrochloric acid, but is probably due to the 
oxidation of the ferrous ion to an unstable state of oxidation corre¬ 
sponding to a perchloride, a peroxide, ferric acid, or perferric acid. 

When permanganate is run into a dilute hydrochloric acid solution 
containing ferrous chloride and considerable manganous salt, the fer¬ 
rous iron is oxidized quantitatively to ferric iron and there is no evo¬ 
lution of chlorine. This was shown by Kessler f in 1863 and by Zim- 
mermannj in 1881. It has since been confirmed by many other chem¬ 
ists.** 

This can be explained as follows: Permanganate ions react with 
manganous ions to form, as Volhardft proved, quadrivalent manganese. 
In this state of oxidation, manganese is unstable in acid solution, but 
it is reduced more readily by ferrous ions than by chloride ions. 

ZimmermannJt suspected, and Manchot^s*** experiments confirm this 
view, that iron like manganese has a tendency to form unstable com¬ 
pounds as primary oxidation products. If such a compound is formed 
in the presence of manganous ions, the iron will give up its excess 
charge to manganous rather than to chloride ions, provided sufficient 
manganous ions are present. 

According to Manchot there is a tendency in all oxidations to form 
an unstable compound as the primary oxidation product. When 
hydrogen burns in air, a little hydrogen peroxide is formed; when sodium 

* L5wenthal and Lenssen, Z. anal, Chem.f 1863, 329. 

t Foflfgf, Ann.j 118, 779, and 119, 225. 

X Ber.j 14, 779, and Ann, Chem. Pharm,y 218, 302. 

For example, J. A. Friend, J, Chem, Soc.j 96, 1228 (1909). C. C. Jones and J. H. 
Jeffery, The Analyst, 34, 306 (1909). 

tt Ann, Chem. Pharm., 198, 337. 

%% Ber., 11, 779, and Ann. Chem. Pharm,, 213, 302. 

**♦ Am. Chem. Pharm,, 826, 105 (1902). 
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bums, sodium peroxide results. In most cases, these primary products 
are unstable and cannot be isolated because of the readiness with which 
they are reduced to a more stable condition. When an acceptor"^ is 
present it will take up the excess charge which is lost when the primary 
product is reduced; in aqueous solutions in the absence of any other 
acceptor, free oxygen is evolved. 

According to the method of oxidation, iron tends to form different 
primary states of oxidation. In the direct oxidation of iron by oxygen, 
the primary oxide appears to be Fe 02 ; in the oxidation by means of 
permanganate, chromic acid, or hydrogen peroxide, the primary oxi¬ 
dation product appears to contain iron with a valence of 5, whereas 
iron with a valence of 6 is probably formed if hypochlorous acid is the 
oxidizer. 

Potassium permanganate according to Manchot first causes the 
formation of quinquevalent iron. If sufficient manganese ions are 
present, these play the part of acceptor, but otherwise, in hydrochloric 
acid solution, some chlorine is formed: 

3 Mn 04 " + 5 Fe++ + 24 H+ 3 Mn++ + 5 F^+"+ + 12 HgO 
Fe^ + Mn++ Mn++ + Fe+++ 

Mn++ + 2 Fe++ Mn"^ + 2 Fe"^’+' 

Fe++^ + 2 Cr -> CI 2 + Fe+-^+ 

The action of the manganous sulfate is partly to regulate the reaction 
between ferrous and permanganate ions, for, according to Volhard, the 
manganous ions tend to react with permanganate, thus slowing down 
the reaction between permanganate and ferrous ions. The quadriva¬ 
lent manganese formed by the action of permanganate on manganous 
ions, at once reacts with ferrous ions; the manganous ions also act as 
acceptor toward any iron oxidized above the trivalent state. In both 
cases it is essential that manganese peroxide does not react with hydro¬ 
chloric acid very rapidly, and it is necessary, too, that the amount of 
manganous salt shall greatly exceed the amount of iron present, 

Although it is possible, then, to titrate iron in hydrochloric acid 
solutions in the presence of manganous sulfate, the method possesses 
the disadvantage that the end point cannot be seen so distinctly as 

* An acceptor is a substance which is not oxidized by oxygen alone, but can be 
oxidized by the aid of some other substance present called an auUM)xidator, A 
substance which tends to be peroxidized may play the part of an acceptor. CL 
Engler, Ber., 83, 1097 (1900). 
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when no chloride is present, since ferric chloride forms a much more 
yellow solution than does ferric sulfate. This difficulty can be over¬ 
come by the addition of phosphoric acid, as suggested by C. Reinhardt.* 

(fe) Method of Zimmermann-Reinhardt 

Add 20-25 ml of manganese sulfate solution (prepared as described 
below) to a solution of ferrous chloride containing about 15 ml of 6 
N hydrochloric acid, dilute to 300 ml, and titrate the cold solution 
with potassium permanganate added so slowly that the drops can be 
counted. 

Take care toward the last not to add a drop of permanganate until 
the color of the preceding one has disappeared. 

Prepare the manganous sulfate solution as follows: Dissolve 67 g 
of crystallized manganous sulfate (MnS 04-4 H 2 O) in 500-600 ml of 
water, add 138 ml of phosphoric acid (d.1.7) and 130 ml of concen¬ 
trated sulfuric acid; dilute the mixture to 1 1. 

If the iron is present as ferric salt, it must be reduced completely to 
the ferrous condition before it can be titrated with potassium perman¬ 
ganate. 


REDUCTION OF FERRIC SALTS TO FERROUS SALTS 

The reduction of ferric to ferrous salts can be accomplished in a num¬ 
ber of different ways. 


1. By Hydrogen Sulfide 

Saturate the solution with hydrogen sulfide and boil off the excess 
while introducing CO 2 into the solution which is contained in a flask. 

2. By Sulfur Dioxide 

Nearly neutralize the solution containing the ferric salt with sodium 
carbonate,! add an excess of sulfurous acid, boil, and pass a current of 
carbon dioxide through it until the excess of the reagent is completely 
removed, t Test a drop of the solution with thiocyanate to make sure 
that the reduction is complete; cool in an atmosphere of carbon dioxide 
and titrate. 

* Stahl und Eisen, 1884, 709, and Chem. Ztg.^ 13, 323. 

t Ferric salts are not completely reduced by sulfurous acid in the presence of 
considerable hydrochloric or sulfuric acid. 

t It is not advisable to depend upon the sense of smell. Test escaping gas from 
the flask by passing it through dilute sulfuric acid containing a few drops of 0.1 N 
KMn 04 solution. If the latter is not decolorized at the end of 2 or 3 minutes, 
the excess of sulfurous acid has been removed. 
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3. By Metals 

Metallic zinc, cadmium, or aluminum can be used to reduce ferric ions to the fer¬ 
rous state. This can be done by adding small pieces of the pure metal to the ferric 
solution in a flask like that shown in Fig. 11 on p. 100 and heating on the water-bath 
until the ferric solution is reduced and the excess metal all dissolved or removed by 
rapid filtration through a funnel containing a platinum cone. In carrying out such 
reductions it must be remembered that titanium, which is likely to be present in 
small quantities of most rocks, is reduced by these metals to the trivalent condition. 



whereas it is not reduced by hydrogen sulfide or sulfurous acid. Instead of pure 
zinc, chemists often prefer to use amalgamated zinc in a so-called Jones reductor 
(Fig. 12). The amalgamated zinc does not react with dilute sulfuric acid and liberate 
hydrogen but does reduce ferric sulfate solutions because, as the table of reduction 
potential shows (p. 84) ferric ions are much easier to reduce than are hydrogen ions. 

To prepare a Jones redactor^ take some 20 to 30 mesh zinc, cover with dilute hy¬ 
drochloric acid, and add mercuric chloride solution while stirring up the zinc, until 
the evolution of hydrogen ceases. In the bottom of the reductor tube place a pei> 
forated disk or some pieces of glass, on top of this a wad of glass wool, and then just 
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a little asbestos suspension (p. 98). If this asbestos layer is too thick, the reductor 
is likely to run slowly, and if too thin, some zinc powder may run through and spoil 
an analysis. Fill the rest of the reductor tube with the well-washed, amalgamated 
zinc. The use of the reductor is explained below. 

Determination of Iron in Limonite with the Jones Reductor 

Weigh out 0.5-g samples to four significant figures and dissolve in 6 iV 
hydrochloric acid as described on p. 92, but do not add any stannous 
chloride solution. To the resulting ferric chloride solution add 12 ml 
of 18 N sulfuric acid and evaporate, without boiling, until all hydro¬ 
chloric acid has been removed, as shown by the lack of odor or by the 
formation of sulfuric acid fumes. Cool, dilute carefully with 100 ml of 
water, and run through the properly prepared reductor with which 
blanks have just been run. From the total volume of permanganate 
solution used in the analysis, deduct the volume required in the blank. 

In making blanks and in all determinations, the procedure is as 
follows. Add 100 ml. of normal sulfuric acid through the funnel, .5, 
with the stopcock C open, using a little suction. When only a little 
of the dilute acid remains in the funnel, add the solution to be re¬ 
duced or, in the case of blanks, 50 ml. of 1.5 N sulfuric acid, and when 
this has nearly passed out of the funnel, follow with 250 ml. of normal 
sulfuric acid, washing out the original beaker with this acid and adding 
it in small portions. Finally, pass 100 ml. of water through the re¬ 
ductor. At no time, however, should any air be allowed to enter 
the reductor tube, which should be kept full of water at all times when 
idle. Run blanks until two successive tests require less than 0.2 ml of 
0.1 iV permanganate to give a pink color to the acid solution. 

4. By Stannous Chloride 

This method proposed by Zinunermann and Reinhardt* is especially 
^ited for metallurgical purposes, because it can be accomplished most 
rapidly. 

Principle. — The method depends upon the fact that ferric chloride in hot solution 
is easily reduced by stannous chlqride: 

SnCh + 2 FeCla + 2 HCl = HaSnCle + 2 FeCh 

The complete decolorization of the solution shows the end point of reduction. 
The excess of stannous chloride is afterward oxidized by means of mercuric chloride: 

SnCla -f 2 IlgCla -h 2 HCl = HaSnCle + HgaCh 

After this treatment, which consumes but a few minutes, manganese sulfate solu¬ 
tion is added and the solution is immediately titrated with potassium permanganate, 
which is added slowly. 


* hoc. ciL 
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Requirements 

(а) Stannous chloride solution. Dissolve 50 g of stannous chloride in 100 ml 
of concentrated hydrochloric acid and dilute with water to a volume of 1 1. 

(б) 6 N hydrochloric acid. 

(c) Mercuric chloride solution. A saturated solution of the pure commercial 
salt in water is used. 

(d) Manganese sulfate solution. See p. 104. 

Determination of Iron in Spathic Iron Ore 

Procedure. — Weigh out 0.25-0.3 g of the finely powdered mineral 
into a small beaker, add 20 ml of 6 iV hydrochloric acid, cover the beaker 
with a watch glass, and heat, just below the boiling temperature, until 
the residue is apparently free from reddish brown mineral. Remove 
the flame, and add the stannous chloride solution, drop by drop, until 
the iron solution just becomes colorless, avoiding an excess. Cool to 
at least room temperature and add quickly 10 ml of mercuric chloride 
solution, whereby a slight silky precipitate of Hg 2 Cl 2 * is formed. After 
5 minutes, dilute the solution to about 400 ml, add 20-25 ml of the 
manganese sulfate solution, and titrate the mixture (very slowly) with 
potassium permanganate until a pink color permanent for 15 seconds 
is obtained. 


2. Determination of Manganese Dioxide in Pyrolusite 

This is an indirect analysis like that of chromite described on p. 93, 
The sample is dissolved by treating it with sulfuric acid and a suitable 
reducing agent, such as ferrous sulfate solution or oxalic acid, and 
the excess of reducing agent is finally determined by titrating with 
permanganate. 

MnOs + 2 Fe-^ + 4 H+ Mn++ + 2 Fe+++ + 2 H 2 O 

or 

MnOa + C 2 O 4 " ” + 4 Mn++ + 2 CO 2 + 2 H 2 O 

For each analysis, weigh out portions of the finely ground ore, which 
has been dried to constant weight at 120°, into 300-ml Erlenmeyer 
flasks, using samples that do not vary more than 0.05 g from 0.45 g. 
Add to each portion of ore a carefully weighed portion of pure sodium 
oxalate, using at least one and one-half times as much oxalate as pyro- 
lusite but not more than 0.8 g in any case. Add 50 ml of water and 50 

* If the precipitate produced by mercuric chloride is at all grayish in color, the 
solution must be thrown away; too large an excess of stannous chloride was used. 
Moreover, the end point with permanganate is difficult to see if the solution contains 
much precipitate. 
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ml of 6 iV sulfuric acid and heat, without boiling hard, until no more 
P 3 !Tolusite remains undissolved. Keep the flasks covered with watch 
glasses, and do not allow the solutions to evaporate to below 85 ml, add¬ 
ing hot water from time to time if necessary. When all the black ore 
has dissolved, dilute to 200 ml and titrate with 0.1 iV permanganate, 
keeping the solution above 60"^. 

If s is the weight of pyrolusite used, r the weight of sodium oxalate, 
and n the milliliters of N normal permanganate required for the excess 
oxalate. 


(o.067 X N ”) 


N X 0.0435 X 100 


per cent of Mn 02 


In this equation, 0.067 is the equivalent weight of sodium oxalate and 
0.0435 the equivalent weight of manganese dioxide. 


Home Problems 

44. After being dissolved and reduced, 0.2186 g of an ore reacted with 25.14 ml 
of 0.0996 N KMn 04 solution. Find per cent of Fe and of Fe 203 , assuming all 
the Fe to be present in the latter state. 

45. What weight of limonite should be taken with this last permanganate such 
that each milliliter indicates 2 per cent of Fe? 

46. Using the same solution, find the maximum weight of 70 per cent Fe ore that 
can be titrated without refilling a 50-mI buret. 

47. Given two permanganate solutions. Solution A contains 15.07 mg of KMn 04 
per milliliter, and 20 ml of solution B react with 0.12 g of ferrous Fe. In what 
proportions should the solutions be mixed so that the resulting solution will be 
N/3 without dilution? 

48. If 50 ml of either of the above solutions is reduced to manganous salt and then 
titrated by the Volhard method with the same KMn 04 solution, how many milliliters 
will be required? 

49. Find the percentage of Pb 304 in a sample of red lead if 2.5 g are treated with 
50 ml of K tetroxalate solution which is 0.15 N as an acid and the excess requires 
30.00 ml of KMn 04 of which 1 ml oxidizes 0.005584 g of Fe by the Margueritte 
method. 

Pb304 + C204~“ 4- 8 H+ 3 Pb++ -f 4 H^O -f 2 CO 2 T 

50. What weights of Mn02 ore and of pure oxalic acid H 2 C 204-2 H 2 O should be 
used in the p 3 Tolu 8 ite analysis such that the percentage of Mn 02 will be obtained by 
subtracting the milliliters of 0.14 N KMn 04 used from 150? 

Hint. — In this problem, every milliliter of KMn 04 solution used is equivalent 
in oxidizing power to a quantity of Mn 02 which represents 1 per cent of the weight 
of the ore taken for analysis. The number 150 must represent the volume of per¬ 
manganate solution required to oxidize the entire weight of oxalic acid used; in other 

words, in the formula given for the computation of the p 3 a*olu 8 ite analysis, ^ ^ 

» 150, using the equivalent weight of oxalic acid rather than that of sodium oxalate. 

51. Find the number corresponding to 150 in the last problem and the normality 
of the KMn 04 when the same result is obtained with 0.48 g of pyrolusite and 0.84 g 
of oxalic acid. 
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52. Using sufficient oxalate to react with all of the Mn02, what weight of p 3 n*olusite 
and what normality of KMri 04 should be used so that 100 r — n = jier cent Mn 02 
when r is the weight of oxalic acid crystals and n is the volume of KMn 04 required 
for the excess oxalic acid? (Note that 100 r must be the number of milliliters of 
KMnOi which are equivalent to r gram of H 2 C 204-2 H 2 O.) 

53. What volume of (>2 will be liberated at 23^" and 750 mm pressure when 30 ml 
of 0.09 N KMn 04 reacts with an equivalent quantity of H 2 O 2 solution 

2 Mn04”‘ -f 5 H 2 O 2 + 6 H+ 2 Mn++ -f 8 H 2 O -f 5 O 2 T 
1 mole of O 2 = 22.4 1 at 0° and 760 mm. pressure. 

54. The calcium in a sample of limestone is determined by precipitation as 
CaC 204 , dissolving the precipitate in acid and titrating the oxalic acid with per¬ 
manganate. What weight of sample should be taken for analysis such that the 
milliliters of 0.12 N KMn 04 will be the same number as the percentage of CaO 
in the sample? 

55. What volume of 0.09 N KMn 04 will react with 9 ml of H 2 O 2 solution, d.1.04, 
containing 3.04 per cent II 2 O 2 by weight and what volume of O 2 will be evolved at 
750 mm and 20*^ as a result of the reaction? 
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CERIC SULFATE METHOD 

Cerium forms colorless cerous salts in which it has a valence of 3 and yellow or 
orange ceric salts in which it has a valence of 4. Cerous salts can be oxidized to 
ceric salts in acid solutions (a) by heating with lead dioxide and 5 N nitric acid, (b) 
by heating with ammonium persulfate, (c) by electrolysis, and (d) by sodium bis- 
muthate. 

2 Ce+++ -f PbOa -h 4 = 2 Ce++++ -h + 2 IW 

2 Ce+-+-+ + SaOs” = 2 Ce++++ = 2 S 04 "“ 

= Ce’^'^'^'^ -h e 

2 Ce-*-++ + NaBiOa + 6 H+ - 2 Ce++++ + Na+ + Bi+++ -f- 3 H 2 O 

As a result of the oxidation, the colorless cerous solution becomes yellow or orange. 
If a solution of a cerous salt is treated with an excess of alkali hydroxide and chlorine 
gas is led through the solution, the white cerous hydroxide, Ce(OH) 3 , which forms 
when the solution is made basic, is changed to light yellow ceric hydroxide, Ce(OH) 4 . 
The precipitate of ceric hydroxide dissolves in nitric acid yielding a red solution, 
but when acted upon by hydrochloric acid, colorless cerous chloride is formed and 
chlorine is evolved as a result of the oxidation of some of the hydrogen (‘hloride. 

The normal potential corresponding to the reaction Ce''"^'^ = Ce^‘^‘''+ -f e is 
— 1.45 volts. If we compare this with the reaction Mn'*"'’ -f 4 H 2 O = Mn 04 ~ -h 
8 -f 5 € which has a normal potential of —1.52 volts and with the reaction 2 Cr'’"'*"'" 
+ 7 H 2 O == Cr 207 -f 6 € which has a normal potential of —1.3 volts, we see that 
ceric sulfate is a stronger oxidizing agent than potassium dichromate and is nearly 
as strong as potassium permanganate. Ceric sulfate solutions are less sensitive to 
hydrochloric acid than are solutions of potassium permanganate, and there is but 
one possible reduction product. Were it not for the fact that ceric salts are much 
more expensive than equivalent quantities of permanganate, doubtless the use of 
these salts as oxidation agents would be far more prevalent. On the other hand, 
the cost of the reagent is by no means prohibitive, and it is already being used widely. 
Like permanganate and unlike potassium dichromate, the ceric salt is not suitable 
for use as a primary standard or, in other words, a standard solution cannot be ob¬ 
tained by weighing out an exact quantity of the reagent. The reagent should be 
prepared by dissolving approximately the proper quantity of ceric salt, and the solu¬ 
tion should then be standardized by titration against sodium oxalate or a solution 
containing ferrous salt. 

Ceric solutions, like those of potassium permanganate, can serve as their own in¬ 
dicators for the titration of colorless solutions, but the color change is not so marked 
and it requires a little more of the ceric solution to impart a perceptible tint to the 
fully titrated solution. In the titration of ferrous salts with ceric sulfate it is best 
to add phosphoric acid to form the colorless ferric acid phosphate complex and to 
use diphenylamine sulfonic acid as indicator. Diphenylamine itself, diphenylben- 
zidine, and some similar organic compounds can also be used as indicators. These 
indicators form oxidation products which have colors easily distinguishable from the 
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colors of the unoxidized compounds, and the oxidation-reduction potential is such 
that the organic compound is not oxidized until after practically all the substance 
being titrated has entered into the reaction; in other words, the color change takes 
place when the desired oxidation of the substance being analyzed has been completed. 

Preparation of 0.1 iV Ceric Sulfate Solution.* — Ceric sulfate solu¬ 
tions can be prepared by digesting the oxide, Ce 02 , with strong sulfuric 
acid at 125° or higher, cooling, and diluting. The solution after being 
diluted should be 1-2 N in sulfuric acid. Ceric oxide of suitable purity 
can be purchased as such, or it may be made by igniting cerous oxalate, 
which is one of the cheapest cerium salts, to 600-625° for about 10 hours. 

It is far more convenient to use pure ceric ammonium sulfate, 
Ce(S 04 ) 2*2 (NH 4 ) 2 S 04-2 H 2 O, which can now be purchased from dealers 
in chemicals and has the high molecular weight of 632.5. Weigh out 
approximately 65 g of the salt, add 500 ml of 2 W sulfuric acid, and stir 
till all the solid has dissolved. Dilute to about 1 1, mix well, and keep 
in a glass-stoppered bottle. 

Standardization, (a) Against Sodium Oxalate. — Weigh out care¬ 
fully into 400-ml beakers duplicate portions of 0.25-0.30 g of pure 
sodium oxalate and dissolve each sample in 200-250 ml of boiling-hot 
water. To each solution add 10 ml of 18 N sulfuric acid and titrate 
with the ceric sulfate solution until 1 drop of the reagent changes the 
solution from colorless to light yellow. Run a blank analysis in the 
same way with the same quantities of acid and water, but without any 
sodium oxalate, to determine how much of the ceric sulfate solution is 
required to impart a perceptible color to the volume of liquid used. 
Deduct this volume (usually about 0.05 ml) from the volumes used in the 
titrations against sodium oxalate. Compute the normality of the ceric 
solution in exactly the same way as in the standardization of potassium 
permanganate (p. 99). 

C 204 "’’ + 2 Ce-^++ 2 Ce+++ + 2 CO 2 

(6) Against Pure Iron. — Weigh out accurately portions of 0.025- 
0.030 g into 400-ml beakers; add 5 ml of water and 10 ml of concen¬ 
trated hydrochloric acid. Heat gently until all the metal has dissolved. 
Unless particular precautions are taken to avoid oxidation (see p. 101) 
the solution will show a slight yellow color, due to the formation of a 
little ferric chloride as a result of atmospheric oxidation; hydrochloric 
acid alone can only oxidize iron to the ferrous state. To convert all 
the iron to the ferrous condition, carefully add stannous chloride solu- 

* Willard and Young, J. Am, Ckem. Soc.y 60, 1322, 1334, 1372 (1918). Willard 
and Furman, Elementary QuarUitaiive Analysis. 
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tion (see p. 90) until the hot solution no longer shows any yellow color, 
but avoid adding an excess of the reagent. Cool, by placing the beaker 
in running water, dilute to 150 ml, and add 10 ml of mercuric chloride 
solution (cf. p. 90). A white, silky precipitate of mercurous chloride 
should be formed. If the precipitate is dark in color or is bulky, it is 
best to throw the solution away and start again. To the ferrous solu¬ 
tion add 10 ml of phosphoric acid, d.1.37, and 0.3 ml of 0.01 M diphenyl- 
amine sodium sulfonate. (To prepare this indicator solution, dissolve 
0.32 g of the barium salt in 100 ml of water, add 0.5 g of solid sodium 
sulfate, stir well, and allow the barium sulfate precipitate to settle. 
Decant off the clear solution.) Titrate with the ceric sulfate solution 
until the solution assumes a distinct purple tint. The reaction be¬ 
tween the indicator and the ceric sulfate is rapid but not instantaneous; 
the reagent should be added slowly toward the last. 

Fe++ + Ce++++ -> Fe+++ + Ce+++ 


Determination of Iron in an Iron Ore 

Dissolve 0.25-0.30 g of the powdered ore by heating gently with 20 
ml of 6 iV hydrochloric acid exactly as described on p. 107. After the 
reduction with stannous chloride and treatment with mercuric chloride, 
add 10 ml of phosphoric acid, d.1.37, and 0.3 ml of 0.01 M diphenyl- 
amine sodium sulfonate indicator solution. Titrate with ceric sulfate 
solution as just described for the standardization of the solution against 
pure iron. 

Ceric sulfate can be used for many other oxidations. It oxidizes 
hydrogen peroxide, nitrous acid, hydrazine, hydroxylamine, hydrazoic 
acid, tartaric acid, oxalic acid, anthracene, sodium thiosulfate, sulfurous 
acid, and hypophosphorous acid as well as many other substances. 
Some of these reactions can be utilized for various titrations. Thus the 
oxidation of the oxalate ion can be used not alone for standardizing the 
ceric solution but also for determining cations like calcium, strontium, 
lead, etc., which form insoluble oxalates. The filtered precipitates all 
yield oxalic acid, when digested with dilute acid, and the oxalic acid 
can be titrated with ceric sulfate. 


Home Problems 

56. Compute the cost for making 301 of 0.12 N cerium sulfate solution: (o) start¬ 
ing with CeCOs at $5 per kilogram, assuming that this is first converted into CeOj 
by ignition in the air and neglecting the cost of the sulfuric acid, the water and the 
fuel; (5) starting with pure CeOa at $4 per kilogram; and (c) starting with ceric 
ammonium sulfate at $1 per kilogram. 
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57. Compute the cost of making 30 1 of 0.12 N potassium dichromate solution 
assuming that the pure dichromate costs 12 cents a pound and for making the same 
quantity of 0.1 N potassium permanganate solution if the reagent costs 25 cents a 
pound. 

58. Compute the percentage of Fe203 in an iron ore from the following data: 
0.28 g of the ore required ml of ceric sulfate solution after dissolving the sample 
in hydrochloric acid and reducing with stannous chloride; 38 ml of the ceric solution 
oxidized 0.22 g of pure iron. In all the titrations, a blank of 0.04 ml of the ceric 
solution was required to impart the proper tint at the end point. 

59. Calculate the CaO content of a limestone of which a sample weighing 0.60 g 
yielded a calcium oxalate precipitate which was equivalent to 48.0 ml of 0.08 N 
ceric sulfate solution. 



CHAPTER VIII 


lODOMETRY 

ANALYSIS OF STIBNITE, COPPER ORE, SULFIDES, ETC. 

The fundamental reaction of iodometry is the following: 

2 Na 2 S 203 "i" I 2 = 2 Nal “f- Na2S406 
or 2 S2O3 -f- I2 —> 21 -f- S4O6 

If to a solution containing a little iodine some starch solution is 
added, and sodium thiosulfate solution is run in from a buret, the blue 
color of the iodo-starch will disappear from the solution as soon as all the 
iodine has been reduced to iodide in accordance with the above equation. 
This is one of the most sensitive reactions used in analytical chemistry. 
If, therefore, a sodium thiosulfate solution of known strength is at hand, 
we have a means of determining not only iodine itself, but all of those 
substances (oxidizing agents) which when treated with potassium iodide 
set free iodine, or evolve chlorine when acted upon by hydrochloric 
acid. Consequently, iodometric processes are not only accurate but 
capable of most general application. 

Under iodometry two kinds of methods are studied: (a) direct methodSy in which 
iodine solution is used as the reagent and the end point is the blue color imparted to 
starch as soon as one drop of the reagent in excess has been added; and (h) indirect 
methodsy in which an acid solution of some oxidizing agent is treated with an excess 
of potassium iodide, in which case iodine equivalent to the quantity of oxidizer 
present is liberated. In the direct methods, iodine is used as an oxidizing agent; 
in the indirect methods hydriodic acid is used as a reducing agent. Iodometric 
methods have, therefore, been applied to numerous reactions of oxidation and re¬ 
duction. As a rule, these methods are sensitive and accurate. Direct iodometric 
methods are the oxidation of sulfurous acid to sulfuric acid, of hydrogen sulfide to free 
sulfur, of stannous chloride to stannic chloride, of arsenite to arsenate in a solution 
kept nearly neutral, and of trivalent antimony salt to the quinquevalent condition in 
a neutral solution. Indirect methods in which iodine equivalent to the substance 
analyzed is liberated by adding an excess of potassium iodide to the acid solution are 
illustrated by the determinations of bromine, chlorine, iodate, periodate, hypo- 
bromite, bromate, hypochlorite, chlorite, chlorate, persulfate, permanganate, hy¬ 
drogen peroxide, nitrite, arsenate in striSilgly acid solutions, feiricyanide, chromate,' 
permanganate, manganese dioxide, lead dioxide, minium or red lead, ferric ions, 
cupric ions, and antimonate ions. 

The potential of the normal iodine/iodide system is —0.535 volt, which shows that 
iodine is a much weaker oxidizing agent than permanganate, ceric salt, or dichromate. 
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Its potential does not depend upon the acidity of the solution, but the normal po¬ 
tentials of anions such as permanganate^ dichromate, arsenate, antirnonate, etc., 
do to a marked degree. For example, it is possible to oxidize arsenic quantitatively 
by iodine from the trivalent to the quinquevaient state if the is kept between 4 
and 9 but in the preseruje of considerable hydrochloric acid the reduction from the 
quinquevaient to trivalent state takes place completely upon adding an excess of 
potassium iodide. 

The end point in iodometric processes is usually determined by the blue color 
of starch iodide which is formed when starch is present as soon as a very slight 
excess of iodine is present. In making titrations with iodine, therefore, starch can 
be added at the start and the approach of the end point will be shown by the forma¬ 
tion of a dark blue color when the drop of iodine touches the solution but the color 
fades as the solution is stirred. At the end point, the color will not fade. In the 
indire(‘t titrations, on the other hand, the starch should not be added until toward 
the end of the titration, when the presence of free iodine is not clearly shown by the 
la(‘k of brown color. 

Instead of starch, many chemists prefer to use carbon tetrachloride. One liter 
of pure water will dissolve only about 0.32 g of pure iodine, but the same quantity of 
CCI4 will dissolve over 30 g of it. Iodine, therefore, is about 100 times as soluble 
in the CCI4 as it is in water and the CCI4 solution is very highly colored. When 
CCI4 is added to a water solution it falls to the bottom of the vessel and does not 
dissolve appreciably. If the water contains a little dissolved iodine, then, on shak¬ 
ing the greater part of the iodine will dissolve in the CCI4, bei'ause of its greater 
solubility in it, and the color of the few drops of CCI4 will be very much deeper than 
that of the original aqueous solution. Indirect iodometric titrations are, therefore, 
often made in a 250-ml glass-stoppered bottle. After adding the excess of potassium 
iodide, a little carbon tetrachloride is added and the titration with sodium thiosulfate 
is begun. At first the presence of iodine in the aqueous solution will be apparent, 
and gentle rotation of the liquid causes sufficient mixing. Toward the end of the 
titration, the bottle is stoppered and shaken after each addition of sodium thiosulfate 
and the end point is when the CCI4 solution becomes (colorless. In the distribution 
of a substance between two immiscible solvents, the ratio of the concentrations re¬ 
mains constant for a given molecular species. Therefore, as soon as some of the 
iodine is reduced in the aqueous layer by means of the thiosulfate, some of the iodine 
will pass from the CCI4 to the water. Shaking the mixture helps to establish the 
equilibrium by breaking up the CCI4 bubble and forcing it through all parts of the 
aqueous solution. 

It was stated above that only about 0.32 g of iodine will dissolve in a liter of water. 
This corresponds to a normal concentration of 0.0025. By adding some potassium 
iodide to the solution, the solubility is increased greatly; thus by adding 65 g of 
KI to a liter of water as much as 35 g of iodine will dissolve, which corresponds to a 
normal concentration of 0.275, and if 100 g of KI are dissolved in 200 ml of water 
153 g of iodine will dissolve. In the solution, the following reaction takes place to a 
considerable extent: 

I 2 “f" I , Is 


The reaction constant for this equilibrium has the high value of 770. The vapor 
pressure of the iodine from the aqueous solution is lowered by the formation of the 
tri-iodide anion and yet the solution as a reagent behaves exactly like free iodine. 
To a considerable extent the potassium iodide interferes with the dissolving out of 
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the iodine by another solvent such as CCI4 but not enough to prevent the determina¬ 
tion of the end point as indicated above. 

The Starch Solution 

Triturate 0.5 g of soluble starch with a little cold water to a thin paste 
and rinse this into 25 ml of boiling water. A more stable-indicator 
solution can be prepared as follows: 

Triturate 5 g of the solid into a paste with a little cold water, and 
slowly add to a liter of boiling water. Boil 1 or 2 minutes so that an 
almost clear solution is obtained. Cool by placing the dish in cold 
water, add 10 g of potassium iodide, and after allowing to stand over 
night filter the clear liquid into small 50-ml medicine bottles. Place 
these in a water-bath and fill up to the neck with the starch solution, 
heat 2 hours, and close by means of soft stoppers before removing from 
the hot-water bath. The solution thus sterilized can be kept almost 
indefinitely without the slightest trace of mold formation. Such a 
solution prepared according to the above directions by H. N. Stokes 
remained perfectly clear after standing 18 months and was as sensitive 
then as when first made up. After opening the bottle, mold begins to 
form within one week, which explains why the solution is poured into 
small bottles; it may then be used before it becomes spoiled. 

Sensitiveness of the lodo-Starch Reaction 

Iodine produces a blue color with starch only when hydriodic acid or a 
soluble iodide is present, and further, the formation of the blue color 
not only depends upon the presence of iodide but is largely influenced by 
the concentration of the iodide solution. With the same amount of 
iodide and different volumes of liquid quite different amounts of iodine 
are necessary to produce the blue color. From this it is evident that in 
any iodometric analysis about the same concentration should be main¬ 
tained as in the standardization of the solutions used for the analysis. 
When 0.1 iV solutions are used, the error produced by not following 
this rule is a small one and for most purposes can be neglected. On the 
other hand, when an analysis is made with 0.01 N solutions, a large 
error may be introduced and a blank should always be made to deter¬ 
mine how much iodine solution is required to give an end point. The 
results of a series of experiments show that the amount of iodine solution 
necessary to produce the blue color in the absence of potassium iodide 
is directly proportioned to the dilution. If the solution contains 1 g 
of potassium iodide, a blue color will be produced by the same ambunt 
of iodine solution as long as not more than 150 ml of solution are pres¬ 
ent, but with a greater volume than that, more iodine is necessary 
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independent of whether the solution contains 1 g or more of potassium 
iodide. 

Preparation of Sodium Thiosulfate Solution 

From the equation on p. 114 it is evident that an equivalent weight ' 
of iodine, the atomic weight in grams, is equal to 1 mole of Na 2 S 203 . 
Hence, exactly 0.1 mole of crystallised sodium thiosulfate (Na 2 S 203 + 

5 H 2 O) is required to mal^ 1 1 of tenth-normal solution. 

A solution of pure sodium thiosulfate in best water will keep 
very well but thiosulfate solutions usually deposit sulfur on standing 
and the titer changes until the decomposition brought about by im¬ 
purities is complete. The principal cause of the decomposition is 
bacterial action. Sterile solutions, free from carbon dioxide, keep in¬ 
definitely. The presence of about 3.8 g of borax per liter helps to keep 
the solution sterile. 

Prepare the thiosulfate solution by dissolving the required amount of 
the commercial salt in freshly boiled water containing a little borax. 
If convenient, it is well to let the solution stand a week or so before 
determining its exact concentration. 

The molecular weight of Na 2 S 203*5 H 2 O is 248.32. To prepare 
1 1 of 0.1 N solution 24.83 g of the salt are necessary, or, in round 
numbers, 25 g. 

Standardization of Sodium Thiosulfate Solution 

1. With Copper Wire 

In technical work it is customary to standardize the thiosulfate solu¬ 
tion against pure copper. Weigh out 0.2 g of pure Cu into a 200-ml 
Erlenmeyer flask and dissolve in 5 ml oi % N HNO 3 . Dilute with 25 
ml of water and boil a few minutes to remove oxides of nitrogen. To 
remove the last of the nitrous oxides, add 5 ml of bromine water and 
boil until the excess bromine is expelled. Remove the flask from the 
flame and add strong ammonia until a slight excess is present. After 
boiling off the excess ammonia, add 7 .ml of strong acetic acid, which dis¬ 
solves any copper oxide that ha§ deposited. Cool to room temperature, 
add 3 g of potassium iodide, and titrate the brown solution with sodium 
thiosulfate until nearly colorless, then add starch solution, and complete 
the titration. In making the titration for the first time, one is bothered 
somewhat by the fact that the cuprous iodide is usually colored a little by 
adsorbed iodo-starch and is not a pure white at the end point. If t milli- 
literjSf^of the thiosulfate solution were used in titrating a grams of copper, 

then 1 ml of thiosulfate = - grams Cu and the thiosulfate solution is 

t 
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t X 6 ~ 06 3^ normal. The reactions that take place can be expressed 
as follows: 

3 Cu + 8 H+ + 2 NO 3 " 3 Cu-H- + 4 H 2 O + 2 NO t 
HNO 2 + Br 2 + H 2 O HNO 3 + 2 HBr 
Cu++ + 4 NH 3 ^ Cu(NH 3 ) 4 -^ 

Cu(NH 3 ) 4 ++ + 4 HC 2 H 3 O 2 Cu++ + 4 NH 4 + + 4 CaHsOa" 

2 Cu"^ -j” 4 I —> CU 2 I 2 4“ I 2 
I2 4" 2 S2O3 —> 21 4 “ S4O6 


Although 4 molecules of iodide react with 2 of copper, only 1 molecule 
of iodine is liberated. The equivalent weight of copper, therefore, 
corresponds to the reduction of bivalent copper to univalent copper and 
is the atomic weight of copper. 


r=ji<l 


Cold Water 


2. With Pure Iodine 

Commercial iodine is contaminated with chlorine, bromine, water, 
and sometimes cyanogen; it must be purified. For this purpose grind 
6 or 6 g of the commercial product with 2 g of potassium iodide; any 
chlorine or bromine present forms potassium chloride or bromide, set¬ 
ting free an equivalent amount of iodine. 
Place the mixture in a dry casserole 
(Fig. 13)* which rests in a muflJe. Upon 
the casserole place a flask filled with cold 
water. Have a wire gauze at the bottom 
of the muffle and a Bunsen flame beneath 
this. The iodine sublimes rapidly and 
collects as a crystalline crust on the bot¬ 
tom of the flask, and practically none of 
it is lost. As soon as the evolution of 
violet vapors from the bottom of the 
casserole has practically ceased, the subli¬ 
mation is complete. Remove the flame 
and, after allowing to cool, take away the 
flask with the iodine adhering to it. To 
remove the iodine, pass a current of cold 
water through the tube a into the flask and out at 6. This causes the 
glass to contract somewhat and the whole of the iodine crust can be 
removed by lightly scraping with a clean glass rod. Catch it upon 
a watch glass, break it up into large pieces, and repeat the sublima- 



Maffle 

Hot Air Jacket 
'^Wire Gauze 

Bunsen Burner 


Fio. 13. 


* C. R. McCroeky, J. Am. Chem. Soc., 40 , 1664 (1918). 
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tion without the addition of potassium iodide at as low a temperature 
as possible; in this way a product free from potassium iodide is 
obtained. Grind the iodine somewhat in an agate mortar and dry in a 
desiccator containing calcium chloride. If dried over sulfuric acid, 
some of the acid is likely to be present in the iodine. Furthermore, the 
cover of the desiccator must not be greased, for grease is attacked by 
iodine vapors, forming hydriodic acid, which might cause contami¬ 
nation. 

The Weighing Out of the Iodine. — In each of 2 or 3 small weighing- 
tubes with tightly fitting glass stoppers place 2-2.5 g of pure potas¬ 
sium iodide free from iodate and 0.5 ml of water (not more); stopper 
the tubes and weigh accurately. Then open the tubes and add 0.4- 
0.5 g of pure iodine to each. Quickly insert the stopper and again 
weigh; the difference shows the amount of iodine. As the tubes are 
cooled by the dissolving of the iodine, moisture sometimes collects on 
the outside and must be wiped off before weighing. The iodine dis¬ 
solves almost instantly in the concentrated potassium iodide solution. 
Place one of the tubes in the neck of a 500-ml Erlenrneyer flask whicl^ 
is held in an inclined position and contains 200 ml of water and abou^ 
1 jg of potassium iodide. Drop the tube to the bottom of the flask, 
but just as it begins to fall remove the stopper and allow it to follow. 
In this way no iodine is lost, which will be the cavse if the contents of 
a tube are washed into the water. A solution is thus prepared con¬ 
taining a known amount of iodine. To it add the sodium thiosulfate 
solution to be standardized from a buret until the liquid is pale yellow 
in color. Then add 2 or 3 ml of starch solution and carefully titrate 
until colorless. From the mean of 2 or 3 determmations, the strength 
of the thiosulfate solution is calculated. 

If the weight of iodine equivalent to 1 ml of sodium thiosulfate solu¬ 
tion is divided by 0.12693 (the milli-equivalent of iodine) the normality 
of the solution will be obtained. 

3. With Potassium Permanganate (Volhard) 

On adding potassium permanganate to an acid solution containing 
potassium iodide, the following reaction takes place: 

2 Mn 04 " + 10 r + 16 H+ 2 Mn++ + 8 H^O + 5 12 

The reaction is quantitative if the correct conditions are maintained. 

Measure out 25-40 ml of standardized tenth-normal permanganate 
solution from a pipet or buret into a 300-ml Erlenrneyer flask containing 
3 g of potassium iodide, 50 ml of water, and 5 ml of concentrated hydro¬ 
chloric acid. Let stand in the dark for 3 minutes, dilute to 200 ml, and 
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titrate slowly with the thiosulfate solution, adding 2 ml of starch indica¬ 
tor solution toward the last. 

i 

4. With Potassium Dichromate 

n 

The reaction between potassium dichromate and potassium iodide 
can also be used for the standardization of sodium thiosulfate solutions; 
the dichromate is reduced to green chromic salt, setting free an equiva¬ 
lent weight of iodine provided the solution is 0.2-0.4 N in acid. 

CraOT" +61“ + 14H+-^2Cr+++ + 3l2 + 7H20 

Prepare tenth-normal potassium dichromate solution by dissolving 
4.903 g of the pure, dry salt in water and diluting to 1 1 at 20° in a 
measuring-flask. Mix well by pouring back and forth from the flask to 
a beaker at least 4 times. Measure out 20-40 ml of the dichromate 
solution, with a pipet or buret, into a 500-ml beaker containing 50 ml 
of water, 10 ml of concentrated hydrochloric acid, and 3 g of potas¬ 
sium iodide. Allow the reaction to proceed in the dark for 5 minutes, 
then dilute to 400 ml and titrate with tenth-normal thiosulfate solution, 
adding starch toward the last. 

Preparation of Tenth-normal Iodine Solution 

No advantage is obtained by dissolving the desired quantity' of 
sublimed iodine in a definite volume of solution, for the latter cannot 
be kept very long unchanged. It is more practical to prepare the iodine 
solution by placing 20-25 g of pure potassium iodide in a liter bottle 
dissolving it in as little water as possible and then adding about 12.7 
g of commercial iodine, weighed out roughly on a watch glass. Shake 
the contents of the flask until all the iodine is dissolved. When this is 
accomplished, dilute the solution to about 11 and standardize according 
to one of the following methods. 

Standardization of Iodine Solution 

1. With 0.1 A Sodium Thiosulfate Solution 

Take 25 ml of the well-mixed iodine solution in a 250-ml Erlenmeyer 
fl|tak, dilute to 100 ml and introduce 0.1 iV Na 2 S 203 solution until nearly 

the iodihe has reacted as shown by the color. Add 2 ml of starch 
paste and titrate slowly until colorless. 

Remark. — To titrate a solution of iodine obtained from a solution of iodide- 
iodate mixture, titrate in the same way but in the presence of 20 millimoles of free 
hydrochloric acid. 
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2 . With Arsenious Add 

If iodine is allowed to act upon a neutral solution of arsenious acid 
the reaction which takes place may be expressed as follows: 

H2ASO3' + I2 + 2 HCO3" == H 2 As 04 ‘ + 2 r + H2O + 2 CO2 

It is necessary to keep the solution neutral or the opposite reaction will 
take place. 

H 2 As 04 ‘ + 2 r + 6 H+ = As+++ + I 2 + 4 H 2 O 

In a neutral solution arsenite can be oxidized quantitatively by means 
of free iodine but in strongly acid solution arsenic acid can be reduced 
quantitatively to the trivalent condition by means of iodide. To 
accomplish a complete oxidation of the arsenic by iodine, it is neccvssary 
to keep the solution approximately neutral to phenolphthalein. This 
is usually accomplished by providing an excess of sodium bicarbonate, 
by adding normal sodium carbonate to the cold, acid solution, or by 
adding some disodium phosphate. Caustic alkali cannot be used be¬ 
cause it reacts with iodine to form hypo-iodite and iodide. A little 
neutral sodium carbonate does no harm if added to an acid solution 
because the liberated carbon dioxide neutralizes the hydroxyl ion formed 
by hydrolysis of the carbonate. 

From the above equation, and the fact that the valence change of 
arsenic is 2 , it follows that the equivalent weight of arsenic is one- 
half the atomic weight. Ordinarily, the arsenite solution is prepared 
by weighing out pure AS 2 O 3 . As the molecule contains 2 atoms of 
arsenic, it is evident that one-fourth the molecular weight in grams is 
the equivalent weight of AS 2 O 3 . 

To prepare 0.1 AT arsenious acid solution, dissolve 4.95 g of the pure 
sublimed oxide and 15 g of sodium carbonate by warming with 150 
ml of water. Transfer the solution to a liter measuring-flask, add 25 
ml of normal acid, and dilute at 20° to the mark. 

To prepare pure arsenious oxide from the commercial product, sub¬ 
lime by heating in a porcelain dish and collect the sublimate on a watch 
glass. If a yellow sublimate of sulfide is noticed, dissolve the sample 
in hot 4 N hydrochloric acid, filter off the undissolved sulfide, and cool 
the filtrate to cause crystals to deposit. Filter, wash with water, and 
then sublime. Dry over calcium chloride in a desiccator. 

Titrate the arsenite against the iodine solution in 
Deiss,* however, finds that iodine gradually changes to ioda^\iilWiiid^ 
ing and the iodate does not react with arsenic in the presence of sodium 
bicarbonate. He proceeds as follows: 


* Chem, Ztg, 38 , 413. 
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Add 25 ml of the iodine solution to 200 ml of water. Add 2 ml of 
6 N hydrochloric acid and then 2 g of sodium bicarbonate. As soon 
as it has dissolved titrate with sodium arsenite. 

A solution of sodium arsenite gradually oxidizes on long standing.* 

ANALYSES BY lODOMETRIC METHODS 
1. Determination of Copper 

Pii 

1 1 of 0.1 Na 2 S 203 solution = = 6.357 k Cu 

Principle. — If a solution of a cupric salt at a suitable concentration is treated 
with an excess of potassium iodide, all the copper is pre(‘ipitated as cuprous iodide, 
and there is liberated one atom of iodine for each atom of copper present, 2 Cu'*'^ + 
4 I" —> CU 2 I 2 + I 2 . The iodine is titrated with sodium thiosulfate solution. The 
method was studied by Gooch arvd Heath,f who found that the (juantity of potassium 
iodide used, the concentration of the solution, and the quantity of acid present 
are three factors wliich must be taken into consideration. In a volume of 50 ml 
an excess of 0.6-1.0 g of potassium iodide is sufficient to cause the complete pre¬ 
cipitation of 0.0020 g of copper, but in a volume of 100 ml an excess of 3-5 g is de¬ 
sirable. In general, the more dilute the solution, the greater the (juantity of po¬ 
tassium iodide reciuired. A larger excess of potassium iodide does no harm. 

A little free acid does no harm, but not more than 2 ml of concentrated mineral 
acid may be present in 50 ml of solution. 

If an appreciable amount of arsenic is present, mineral acids must not be present 
on account of their tendency to bring about the reduction of the higher salts of ar¬ 
senic and antimony when an excess of potassium iodide is used. Obviously the solu¬ 
tion must not contain any other oxidizing agent. 

Two procedures will be given for the determination of copper in an ore. In the 
first method, the sample is dissolved in nitric acid, or aqua regia, and the solution is 
evaporated with sulfuric acid to form insoluble lead sulfate. The insoluble residue 
together with lead sulfate is filtered off and the solution boiled with aluminum which 
precipitates copper and reduces ferric iron. The copper is filtered off and dissolved 
in nitric acid; after this the procedure is practically the same as in the standardiza¬ 
tion against copper wire. The purpose of precipitating the copper with aluminum 
is toseparate it from iron which, in the ferric condition, is reduced by potassium iodide. 

This method is accurate but long. Low himself recommended a shorter procedure 
for ordinary work. In the short method recommended by him, the solution was 
evaporated to dryness and the dry residue w^as leached with strong ammonia solu¬ 
tion which dissolved out the cupric salt as blue cupric ammonia complex and left the 
iron behind. After the solution was made acid with acetic acid, it was treated with 
potassium iodide and the liberated iodine titrated with thiosulfate. After some 
practice with this short method good results can be obtained but if the residue has 
become baked, often some of the copper does not dissolve, whereas if the evapora¬ 
tion has taken place during constant rotation of the flask while being heated over a 
free flame and the heating is stopped as soon as the residue is dry, the extraction of 
all the copper is possible if sufficient salt, such as potassium chloride, is present. 


* S. W. Young, J. Am. Chem. Soc.f 26, 1028 (1904). 

t F. A. Gooch and F. H. Heath, Am, J. Sci., 4, 25, 67; F. H. Heath, ibid.f 25, 153. 
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It has been found, however, that it is possible to avoid the separation of the copper 
from the iron if some substance, such as fluoride, is added to convert the ferric cations 
into a slightly ionized complex. Then, if the solution is buffered to give the proper 
hydrogen-ion concentration, the solution can be titrated just as if no iron were 
present. The method of Bartholow Park,* which will be described after that of 
Haen-Low, is based upon this principle. 


(a) Method of Haenf-Lowf 

Procedure, — To 0.25-0.50 g of fine ore weighed into a 250-ml Erlen- 
meyer flask, add 6 ml of 16 N HNO3, and boil gently until nearly dry. 
Add 5 ml of 12 N HCl and heat again. As soon as the incrusted matter 
has dissolved add 12 ml of 18 N H2SO4 and heat until the acid fumes 
freely. Cool and add 25 ml of water. Then heat until any anhydrous 
ferric sulfate is dissolved, and filter to remove insoluble sulfates and 
silica. Wash the flask and filter paper with hot water until the volume 
of the filtrate amounts to about 75 ml, receiving it in a 150-ml beaker. 
Take a strip of aluminum, about 2.5 cm wide and 14 cm long, bend it 
into a triangle, and place it in the beaker resting on its edge. Cover the 
beaker and boil gently for 7-10 minutes, which will be sufficient to 
precipitate all the copper, provided the solution does not much exceed 
75 ml. Avoid boiling to a very small volume. The aluminum should 
now appear clean, the copper being detached or loosely adhering. 
Remove from the heat and wash down the cover and sides of the beaker 
with hydrogen sulfide water. This will prevent oxidation and will also 
serve to precipitate the last traces of copper. If the hydrogen sulfide 
shows that there was more than a very little copper remaining in solu¬ 
tion, it is best to dilute the solution to 75 ml again and to boil a short time 
longer. This will coagulate the sulfide. Finally, decant through a 
filter and then, without delay, transfer the precipitate to the filter with 
the aid of a stream of hydrogen sulfide water from a wash bottle. Let 
the strip of aluminum remain in the beaker, but wash it as clean as 
possible with the hydrogen sulfide water. Wash the filter and precipi¬ 
tate at least 6 times with this hydrogen sulfide water, but take care not 
to let the filter remain empty for any length of time. Moist copper 
sulfide oxidizes very rapidly when in contact with the air with the forma¬ 
tion of a little copper sulfate, which will dissolve and pass through the 
filter only to precipitate again when it comes in contact with the filtrate 
containing hydrogen sulfide. 

Now place the original clean flask under the funnel, perforate the 

* Jnd, Eng. Chem.f Anal. Ed.^ 3 , 77 (1931), 
t Ann. Chem. Pharm.j 91, 237 (1854). 
j Technical Methods of Ore Analysis. 
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filter and rinse the precipitate into the flask with hot water, using as 
little as possible. Lift the fold of the filter and rinse down any pre¬ 
cipitate found beneath the fold. Using a small pipet, allow 5 ml of 
strong nitric acid to run over the aluminum in the beaker and pour it 
from the beaker through the filter into the flask, but do not wash the 
beaker or filter at this stage. Remove the flask and replace it with the 
beaker. Heat the contents of the flask to dissolve the copper and expel 
the red fumes, then again place the flask under the funnel. Now pour 
over the filter 5 ml or more of bromine water, using enough to impart 
a strong color to the solution in the flask. Next wash the beaker and 
aluminum, pouring the washings through the filter. Finally wash the 
filter 6 times with hot water. Boil till the solution is reduced to about 
25 ml, cool somewhat, and add a slight excess of strong ammonia (about 
7 ml). Boil off the excess of ammonia, add an excess of acetic acid, 
and boil a minute longer. Cool to room temperature, add 3 g of potas¬ 
sium iodide, and titrate with sodium thiosulfate solution, adding starch 
toward the last. 


(6) Method of Park 

Dissolve the sample exactly as described in the above method of 
Haen-Low and continue exactly as described there but receive the fil¬ 
trate from the lead sulfate precipitate in a 250-ml Erlenmeyer flask. 
Concentrate to about 30 ml, cool, and add ammonium hydroxide until 
the greater part of any iron present is precipitated or the solution smells 
faintly of ammonia after blowing away the vapors from the top of the 
flask. Be careful to avoid an excess of ammonia. Heat if necessary to 
remove excess ammonia. Add 2 g of ammonium bifluoride, weighed 
to the nearest centigram, and 1 g of potassium biphthalate, also weighed 
to the nearest centigram. Add approximately 3 g of potassium iodide 
and titrate at once with thiosulfate solution, adding starch toward the 
last. 

Under the above conditions the pu of the solution is about 4 and anti¬ 
mony or arsenic are not reduced by the iodide. Ferric iron is not re¬ 
duced because it is present for the most part as FeFe anions. 

2. Determination of Antimony in Stibnite 

1 ml of normal iodine solution = 0.06089 g Sb 

Principle. — Stibnite, SbaSs, dissolves in 12 N normal hydrochloric acid with 
evolution of hydrogen sulfide. 

Sb2Sa + 8 HCl 2 HSbCh -f 3 H^S T 

After the hydrogen sulfide has been removed, tartaric acid is added to form the 
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antimonyl tartrate ion which is so stable that it prevents the hydrolysis of the 
antimony salt upon dilution: 

SbCh" + H 2 C 4 H 4 O 6 + H 2 O H(Sb0)C4H406 + 3 H+ + 4 OF 

The final titration takes place as follows: 

H(Sb0)C4H406 -fl 2 -h 2 HCOa" II(Sb02)C4H406 + 2 1 “ + H 2 O + 2 CO 2 1 

Weigh out 0.2-0.3 g of stibnite into a 150-mI beaker, cover with a 
watch glass, and add 10 ml of concentrated hydrochloric acid. AJlow 
the acid to act in the cold for 10 minutes, add 0.3 g of solid potassium 
chloride, and heat gently on the water-bath for 15 minutes to complete 
the attack and expel hydrogen sulfide. Take care not to allow the 
liquid to evaporate sufficiently to expose any part of the bottom of the 
beaker. There is usually a silicious residue, insoluble in hydrochloric 
acid. 

Remove the beaker from the water-bath, cool to room temperature, 
and add a solution of 3 g of tartaric acid which has been dissolved by 
heating in a test-tube with 5 ml of water and cooled under running 
water. Mix well by rotating the contents of the beaker. Slowly add 
water, while stirring, to a volume of about 100 ml. 

Pour this solution slowly, while stirring, into a 600-ml beaker contain¬ 
ing 10 g of sodium carbonate dissolved in 200 ml of cold water. This 
serves to neutralize the acid and provide sufficient sodium bicarbonate 
to keep the solution neutral during the iodine titration. Wash down the 
sides of the beaker, add starch paste, and titrate with iodine to the ap¬ 
pearance of a permanent blue. 

If a fugitive end point is obtained, SbOCl has been precipitated or 
not enough sodium bicarbonate is present. 

Remarks. — Antimony chloride is volatile with steam from its concentrated solu¬ 
tions, but the heating on the water-bath can be carried out, without fear of losing 
antimony, provided the acid is not allowed to evaporate and KCl is present to form 
less volatile KSbCh. This heating serves to remove all the hydrogen sulfide which 
would otherwise precipitate the antimony as trisulfide upon diluting the solution. 
If insufficient tartaric acid is present, antimony oxychloride, SbOCl, precipitates, 
and if the solution is titrated in this condition it is impossible to obtain a permanent 
end point. 

3. Determination of Iron 

Fe 

11 of 0.1 iV Na 2 S 203 solution = — = 5.584 g Fe 

This method was first proposed by Carl Mohr* and is based upon the following 
reaction: 

2 FeCla -h 2 HI 2 HCl + 2 FeCh + I 2 

* Ann. Chem. Pharm.y 106 , 53. Cf. Kolthoff, Pharm. Weekblady 58, 1510 (1921); 
Bfittger and Bdttger, Z. anal. Chem.y 70 , 214; Grey, /. Chem. Soc., 1929 , 85; Swift, 
J. Am. Chem. Soc., 61 , 2682 (1929). 
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As the reaction is reversible, it is necessary to have an excess of hydriodic acid 
present in order that it may take place quantitatively in the direction from left to 
right. 

When carried out in the presence of air, a very little of the hydriodic acid is prob¬ 
ably oxidized by the air, but in the following procedure this error is counter-balanced 
almost exactly by the fact that the reduction of the iron is not quite complete. 
If sulfuric acid is present, higher concentrations of both acid and iodide are required 
and the end point is less stable. 

Procedure. — To about 30 ml of ferric chloride solution in a 200-ml 
Erlenmeyer flask containing 0.1-0.15 g of iron and 0.25-25 milli- 
equivalents of hydrochloric acid, add 3 g of solid potassium iodide, 
stopper the flask, and allow to stand for 5 minutes. Dilute to about 
100 ml and titrate with 0.1 AT thiosulfate solution, adding starch solu¬ 
tion toward the last. 

4. Determination of Hydrogen Sulfide 

11 of 0.1 AT NasSjO, solution = M = 1,704 g II^S 

If a solution of hydrogen sulfide is treated with iodine, it is oxidized 
with separation of sulfur: H 2 S + I 2 = 2 HI + S. 

For the determination of the amount of the gas present in hydrogen 
sulfide water, transfer a measured amount by means of a pipet to a 
known volume of 0.1 N iodine solution and titrate the excess of the 
latter with thiosulfate solution.* 

If the amount of hydrogen sulfide present is not very large, correct 
results are obtained without difficulty. With considerable hydrogen 
sulfide, on the other hand, the deposited sulfur is likely to enclose some 
of the iodine solution, as shown by its brown color; this iodine escapes 
the titration with thiosulfate. In such a case, remove the film of sul¬ 
fur floating on the surface of the liquid with a glass rod after the com¬ 
pletion of the thiosulfate titration, transfer it to a glass-stoppered 
cylinder, and shake with 1-2 ml of carbon bisulfide. The latter dis¬ 
solves the iodine with a violet color and the color can be discharged 
with sodium thiosulfate solution, f In this way the total amount of 
the iodine that remains can be titrated. 

* Correct results cannot be obtained by titrating directly with iodine; cf. 0. 
Brunck, Z. anal. Chem., 45, 541 (1906). 

t The separation of the sulfur into a coherent film can be prevented by sufficiently 
diluting the solution with boiled water. O, Brunck (Z. ami. Chem., 46, 541) there¬ 
fore, recommends using 0.0*1 N iodine instead of 0.1 solution, and this is certainly 
advisable with small quantities of hydrogen sulfide as, for example, in a mineral 
water. On the other hand, when a relatively large volume of hydrogen sulfide is 
liberated from a sulfide by means of acid it is advisable to use 0.1 AT iodine, as other¬ 
wise the volume of solution will be too large unless a very small weight of substance 
is used in the analysis. 
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Remark. — This method can be used to advantage for determining the sulfur 
present in soluble sulfides. 

6. Analysis of Sulfide and Hydrosulfide Mixtures 

r 1.704 g HsS 

1 1 of 0.1 AT iodine solution = | 2.803 g NaHS 

[ 3.903 g Na2S 

Principle. — If a solution of alkali sulfide and alkali hydrosulfide is treated with an 
acid solution of iodine, the following reactions take place: 

(a) NasS 4- 2 HCl - 2 NaCl -f H 2 S 

(b) NaSH + IICl = NaCI + H 2 S 

(c) H 2 S 4 -12 - 2 HI -I- S 

Hydrogen sulfide is a very weak af‘id, without effect upon phenolphthalein indi¬ 
cator. After oxidation, the hydrogen sulfide is replaced by the strong mineral a(;id, 
hydriodic acid. 

It is evident from the above equations that in the case of the sulfide, the quantity 
of hydriodic acid formed by the oxidation of the hydrogen sulfide is equivalent to the 
quantity of hydrochloric acid required to decompose the sulfide. In the case of the 
hydrosulfide, however, which is the acid salt of hydrogen sulfide, the quantity of 
hydriodic acid formed is equivalent to twice the (juantity of hydrochloric acid re¬ 
quired to decompose the hydrosulfide. 

By determining the quantity of acid or base present at the start the acidity at the 
end of the analysis, and the quantity of iodine used in oxidizing the sulfide to free 
sulfur, one can distinguish between the following possibilities, in which it is assumed 
that any strong acid present is hydrochloric; acid and any base is sodium hydroxide. 
The reasoning applies, of course, to cases where other strong a (‘ids or other bases are 
present. The solution may contain 

(1) Sodium hydroxide, NaOH, and sodium sulfide, Na 2 S. 

(2) Sodium sulfide alone. 

(3) Sodium sulfide, Na 2 S, and sodium hydrosulfide, NaHS. 

(4) Sodium hydrosulfide alone. 

(5) Sodium hydrosulfide, NaHS, and hydrogen sulfide, H 2 S. 

(6) Hydrogen sulfide alone. 

(7) Hydrogen sulfide, H 2 S, and hydrochloric acid, HCl. 

Any other possibility is excluded because sodium hydroxide and sodium hydrosulfide 
react to form sodium sulfide, sodium sulfide and hydrogen sulfide react to form 
sodium hydrosulfide, sodium hydrosulfide and hydrochloric acid react to form hydro¬ 
gen sulfide. We may regard these last three reactions as taking place practically 
completely because there is a great difference in the ionization constants of HCl, 
H 2 S and HS”. 

Now let us consider what will happen in the analysis of the seven mixtures just 
mentioned. In the analysis let us assume that a milli-equivalents of iodine solution 
together with b milli-equivalents of hydrochloric acid are added at the start. The 
excess iodine is titrated with c milli-equivalents of sodium thiosulfate, and after that 
d milli-equivalents of sodium hydroxide are added to make the solution neutral to 
phenolphthalein. From these four values, a, 6 , c, and d, we can easily compute 
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the quantity of NaOH, Na 2 S, NaHS, H 2 S, and HCl originally present, but, as just 
explained, the only possible combinations will be two neighboring compounds, 
NaOH and Na 2 S, NaaS and NaHS, NallS and H 2 S, H 2 S and HCl. 

(1) In this case, the hydrochloric acid added at the beginning of the analysis will 
be neutralized by both NaOH and Na 2 S. The quantity of iodine required will be 
equivalent to the sulfide present, and, since the weak hydrogen sulfide becomes strong 
hydriodic acid, just as much hydriodic acid will be formed as was required of hydro¬ 
chloric acid to liberate hydrogen sulfide from the sodium sulfide. 

a ~ c = milli-equivalents of sulfide present 
- 6 d = milli-equivalents of NaOH 

The molecular weight of Na 2 S divided by 2000 is the milli-equivalent weight of 
NaaS. 

(2) In the second case, when sodium sulfide alone is present, 6 = d and a ~ c = 
milli-equivalents of sulfide as in case (1). 

(3) When sodium sulfide and sodium hydrosulfide are both present, the relations 
are a little more comphcated. As in the previous cases, a — c = the milli-equiva¬ 
lents of sulfide present and the milli-equivalents of sodium sulfide and of sodium 
hydrosulfide from the standpoint of iodometry are the molecular weight divided by 
2000 in each case. The value d in this case is greater than 6; d -- 6 = the milli- 
equivalents of NaHS present and a — c > 2 (d — 6) because the milli-equivalent 
weight of sodium hydrosulfide from the acidimetric standpoint is one-thousandth of 
the molecular weight. Therefore, if we subtract from a — c (the total milli-equiva¬ 
lents of iodine required for Na 2 S and NaHS) twice the value of d ~ 5, the difference 
will be the milli-equivalents of Na 2 S present. 

(4) Here a — c = 2 (d — 6). The NaHS content can be computed from either 
a — c or from d — 5, but we must remember to divide the molecular weight of NaHS 
by 2000 if we wish to find the milli-equivalent from the iodometric standpoint and by 
1000 if we wish to find the milli-equivalent from the acidimetric standpoint. 

(5) When NaHS and H 2 S are present, a — c < 2 (d — 6). Here, as in every other 
case, the milli-equivalent of each sulfide is the molecular weight divided by 2000 
from the iodometric standpoint. With respect to the HI formed by the action of 
iodine, the milli-equivalent weight of NaHS is the molecular weight divided by 
1000, but with hydrogen sulfide it is the molecular weight divided by 2000 exactly as 
in the iodine titration. If we call wi the number of millimoles of NaHS and n* 
the millimoles of H 2 S, then 

2 ni+ 2 n 2 = 0 — c 
ni 4* 2 W2 = d — 6 

(6) When hydrogen sulfide alone is present 

a — c = d — 6 

(7) When hydrogen sulfide and hydrochloric acid are present, a — c < d — 5. 
From the value of a — c the quantity of H 2 S can be computed, and by subtracting 
a — c from d — 6 the milli-equivalents of HCl present are found. 

In any case, therefore, all we have to do is to compare the milli-equivalents of 
iodine with the milli-equivalents of acid or base required to neutralize the solution 
after the iodine titration. Calling the former value Ti (a — c in the above notation) 
and the latter value Ti(d ^ bin the above notation), the above seven cases can be 
summarized as follows: 
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(1) In determining Ta, we find that h> d. The solution contains NaOH and NaaS. 

(2) Ta = 0. NaaS alone is present. ‘ 

(3) T\> 2 Ta. NaaS and NaHS are present. 

(4) Ti = 2 Ta. NaHS alone is present. 

(5) Ti < 2 Ta. NaHS and HaS are present. 

(6) Ti '= Ta. HaS alone is present. 

(7) Ti < Ta. HaS and HCl are present. 

The question naturally occurs to the student at this point as to whether such a 
study is of great importance. No such claim can be made. There is really no need 
of asking the student to carry out such an analysis in the laboratory in an elementary 
course of instruction. On the other hand, it is profitable for the student to try to 
understand these relations, for such problems do actually arise in chemical practice 
and, if the student understands what is meant by an equivalent weight, there is no 
reason why he should find great difficulty in following the above reasoning. Con¬ 
fusion arises from the fact that the milli-equivalent weight varies in accordance with 
the nature of the chemical reaction involved. The mathematical computations in¬ 
volve nothing more difficult than elementary algebra. 

Procedure, — Dilute a known volume of 0.1 N iodine together with 
a known volume of 0.1 N hydrochloric acid* in a beaker to a volume of 
about 400 ml, and slowly add the solution containing the dissolved sul¬ 
fide from a buret with constant stirring, until the mixture becomes 
pale yellow. Add starch indicator and titrate the excess of iodine 
with tenth-normal thiosulfate solution. Finally, titrate the acid in the 
solution with 0.1 N sodium hydroxide solution, using phenolphthalein 
as indicator. Calculate the results as outlined above. 

6. Determination of Copper with Potassium lodatef 

Potassium iodate in dilute hydrochloric acid solution is reduced by potassium 
iodide to free iodine: 

KIO 3 + 5 KI + 6 HCl = 6 KCl + 3 I 2 + 3 H 2 O 

but if the solution is strongly acid with hydrochloric acid and an excess of the iodate 
is added, the iodine is oxidized to ICl: 

2 I 2 + KIOs -f 6 HCl = KCl + 6 ICl + 3 H 2 O 
and in this case the whole reaction may be expressed by the equation: 

KlOa + 2 Kl-f 6 HCl = 3 KCl-f 3 ICl + 3 H 2 O 

The ICl is not very stable, and is at once reduced to free iodine in the presence of 
any oxiSizable substance. 

L. W. Andrewt has shown that quite a number of reducing substances, such as 
free iodine, iodides, arsenites, and antimonites, can be titrated with potassium iodate 
very exactly, by taking advantage of the fact that when the reducing agent is presr 
ent in excess, free iodine is formed which is oxidized quantitatively by more iodate, 

* Enough^cid to decompose all sulfide must be present. An excess does no harrn^ 

t Jamieson, Levy, and Wells, J. Am. Chem. Soc,, 80, 760 (1908). 
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provided the proper amount of hydrochloric acid is present. Copper solutions are 
precipitated quantitatively by potassium thiocyanate and sulfurous acid as cuprous 
thiocyanate, CuSCN, and Parr* has estimated copper quantitatively by titrating 
this precipitate with permanganate. The oxidation is simpler and more accurate, 
however, when the titration is effected by potassium iodate or biiodate. The re¬ 
action goes through the stage in which iodine is set free, but the iodine is oxidized 
completely to iodine chloride upon the addition of more iodate: 

(a) 10 CuSCN + 14 KIOs + 14 HCl = 10 CUSO 4 + 71-2 + 10 IICN + 14 KCl + 

2 H 2 O 

(b) 2 I 2 + KIO 3 + 6 HCl = KCl + 5 ICl + 3 II 2 O 
and the whole reaction is 

(c) 4 CuSCN + 7 KIO 2 + 14 HCl = 4 CuS ()4 + 7 ICl + 4 HCN + 7 KCl + 5 H 2 O 

The jKitassium iodate solution is very stable and can be preserved for years if 
protected from evaporation. The standard solution used can be prepared by weigh¬ 
ing out a known amount of the pure salt and dissolving to a definite volume, or the 
solution can be standardized against pure copper, carrying out the process as in 
an analysis. A convenient concentration is J mole KJO^ per liter. 

Procedure. — To 0.5 g of the ore in a 200-ml flask, add 6-10 ml of 
strong nitric acid, and boil gently, best over a free flame, keeping the 
flask in constant motion and inclined at an angle of about 45°, until the 
larger part of the acid has been removed. If this does not completely 
decompose the ore, add 5 ml of strong hydrochloric acid and continue 
the boiling until the volume of liquid is about 2 ml. Now add gradually 
and carefully, best after cooling somewhat, 12 ml of 18 N sulfuric acid 
and continue the boiling until sulfuric acid fumes are evolved copiously. 
Allow to cool, add 25 ml of cold water, heat to boiling, and keep hot 
until the soluble sulfates have dissolved. Filter into a beaker, and 
wash the flask and filter thoroughly with cold water, f Nearly neu¬ 
tralize the filtrate with ammonia and add 10-15 ml of strong sulfur 
dioxide water. Heat just to boiling and add 5-10 ml of a 10 per cent 
solution of ammonium thiocyanate, according to the amount of copper 
present. Stir thoroughly, allow the precipitate to settle for 5 or 10 
minutes, filter on paper, and wash with hot water until the excess am¬ 
monium thiocyanate is removed completely. 

Place the filter with its contents in a glass-stoppered bottle of about 
250-ml capacity, and by means of a piece of moist filter paper transfer 
into the bottle any precipitate adhering to the stirring-rod and beaker. 
Add to the bottle about 5 ml of chloroform, 20 ml of water, and 30 ml 
of concentrated hydrochloric acid (the two last liquids may be mixed 

* lUd., 22, 685 (1900). 

t With substances containing appreciable amounts of silver a few drops of hydro¬ 
chloric acid should be added before making this filtration, but not enough to dissolve 
any considerable amounts of the lead sulfate or antimonic oxide that may be present. 
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previously). Now run in standard potassium iodate solution, inserting 
the stopper and shaking vigorously between additions. A violet color 
appears in the chloroform, at first increasing and then diminishing, until 
it disappears with great sharpness. The rapidity with which the iodate 
solution may be added can be judged from the color changes of the 
chloroform. 

To make another titration it is not necessary to wash the bottle or 
throw away the chloroform. Pour off two-thirds or three-fourths of the 
liquid in order to remove most of the pulped paper, too much of which 
interferes with the settling of the chloroform globules after agitation, 
add enough properly diluted acid to make about 50 ml, and proceed as 
before. In this case, where i(xline monochloride is present at the out¬ 
set, the chloroform becomes strongly colored with iodine as soon as the 
cuprous thiocyanate is added, but this makes no difference in the results 
of the titration. 


7. lodometric Analysis of Chromite 


Principle. — The chromium of chromite, FeCr 204 , is oxidized to Na 2 Cr 04 by 
fusion with sodium peroxide. The melt is leached with water, and the insoluble 
residue is dissolved in hydrochloric acid, added in slight excess. Ammonium fluoride 
is then added to convert Fe'^'*"' into FeFe ; the former ions are reduced by hy- 
driodic acid but the latter are unaffected. Then to the acid solution an excess of 
potassium iodide is added and the liberated iodine is titrated with sodium thiosulfate 
solution using starch as indicator. 


2 FeCr 204 + 7 Na202 —> 2 NaFe02 4- 4 Na 2 Cr 04 -f* 2 Na20 (fusion) 
NaFe02 + 2 H 2 O Na+ -f Fe(On )3 -f OH’ 

2 Na202 + 2 H 2 O - 
2C^04■"^-2H+- 
Fe(OH)3 -f 3 - 


>4Na^-f-4 0H -f O 2 

Cr207 + H 201 , ., , 1 jx 


I Cwater added) 


Fe+++ + 6 F" — FeFe (fluoride added) 

+ 61~ + 14 H+ — 2 Cr+++ + 3 12 + 7 HjO (iodide added) 
I 2 -j“ 2 S2O3 —^21 + S 4 O 6 (titration) 


From these equations, it is evident that the milli-equivalent weight of chromium 
is the atomic weight divided by 3000 as in the analysis with potassium dichromate 
(p. 93). 

For the fusion, an iron crucible of about 25-ml capacity is commonly used. A nickel 
crucible is attacked less by the peroxide fusion and the presence of nickel has been 
found advantageous for the decomposition of the excess peroxide, but it is usually 
necessary to filter the solution after making it acid when a nickel crucible is used 
and the nickel crucible costs considerably more. A porcelain crucible has also been 
recommended, but this again is more expensive than the iron. The fusion can also 
be carried out in a test-tube. 


Procedure. — Weigh out 0.3-0.4 g of chromite and fuse with sodium 
peroxide exactly as described on p. 93. Continue as directed there 
down to the point where the solution is made acid. Then, instead of 
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using sulfuric acid, add hydrochloric acid until all the hydrated ferric 
oxide has dissolved. Use 1 ml of concentrated hydrochloric acid in 
excess for each 100 ml of solution. Add 2 g of ammonium fluoride, 
more if necessary, until a small drop of the solution will give no test for 
Fe+++ with potassium ferrocyanide solution on the spot plate. Add 
3 g of potassium iodide, wait 3 minutes, and then titrate with sodium 
thiosulfate solution. Add starch solution toward the last. 

Home Problems 

60. What weight of stibnite should be taken for analysis such that the number of 
milliliters of 0.08 N iodine used to oxidize the antimony from the trivalent to quin- 
quevalent condition is the same number as the j)ercentage of antimony present? 
What weight should be taken for the same analysis su(‘h that the buret reading gives 
the percentage of Sb 2 S 3 directly? 

61. If a copper ore (jontaining 23.4 per cent of copper is analyzed by Low’s 
iodometric method, how many milliliters of thiosulfate will be used for a sample 
weighing 0.5 g? Thirty milliliters of the thiosulfate react with iodine liberated from 
potassium iodide and 25 ml of KMn 04 , of which 1 ml = 0.00705 g of Na 2 C 204 . 

62. If the same w^eight of the same copper ore were analyzed by the method of 
Jamieson, Levy, and Wells, how many milliliters of KIO 3 solution containing 
mole per liter would be used? 

03. A solution contains soluble sulfide. On the assumption that nothing else 
is present that reacts with iodine or that is acidic or alkaline, and that the sulfide 
is either H 2 S, NaSH, or Na 2 S, compute the weight of H 2 S, NaSH, or Na 2 S present in 
100 ml of solution. (Assume that Na 2 S and H 2 S cannot both be present as a mix¬ 
ture of these two forms NaSH.) 

One hundred fifty milliliters of solution was poured into a mixture of 30 ml of 
0.25 N HCl,' 50 ml of 0.120 N L solution, and 320 ml of water. The excess I 2 reacted 
with 8 ml of 0.125 N Na 2 S 203 . Then it required 30 ml of 0.3 N NaOH to neutralize 
the solution. 

64. Same problem except that the final volume of NaOH used was 40 ml. 

65. Compute the percentage of chromium in a mineral from the following data: 
Weight of sample = 0.38 g; added 2.58 g of NH4F, 3.25 g of KI, and 46.20 ml of 
Na 2 S 208 , of which 1 ml = 0.0054 g Cu. 

66 . What weight of chromite should be taken for analysis by the iodometric 
method such that 2 ml of 0.108 N Na 2 S 203 solution will correspond to 1.5 per cent of 
chromium in the sample? 
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PRECIPITATION ANALYSES 
1. Determination of Silver. Method of Volhard 

1 1 of 0.1 N KCNS = ^ = 10.79 g Ag 

If to a silver solution containing ferric-ammonium alum, free from 
chloride but containing enough nitric acid to discharge the brown 
color of the iron salt, a solution of alkali thiocyanate is added, white 
insoluble silver thiocyanate is precipitated: 

AgNOs + KCNS = KNO3 + AgCNS 

When all the silver is precipitated, the next drop of the thiocyanate 
solution will cause a permanent red coloration due to the formation of 
ferric thiocyanate. 

Requireinents, 1 . Tenth-normal Potassium (or Ammonium) Thiocyanate Solution. 
— As both these salts are hygroscopic and cannot be dried without decomposition, 
an exactly tenth-normal solution cannot be prepared by weighing out the solid salt. 
Dissolve approximately the right amount (about 10 g KCNS or 9 g NH 4 CNS) in a 
liter of water. 

2. Ferric-ammonium Alum Solution. — A cold, saturated solution ofjerric alum 
to which enough nitric acid is added to cause the disappearance of the brown color. 
Use about 3.5 g of the alum, 10 ml of water, and 2 ml of 6 N HNO3. Of this in¬ 
dicator use the same amount for all titrations, about 2-3 ml for 100 ml of the silver 
solution. 


Standardization of Thiocyanate Solution 

Weigh out portions of about 0.4 g of pure silver nitrate and dissolve 
in 100 ml of 0.3 N nitric acid. Add 5 ml of indicator solution and 
titrate with thiocyanate solution to a permanent red tinge in the solu¬ 
tion. Or dissolve 0.25-g portions of pure silver in 15 ml of 6 AT nitric 
acid. Dilute to about 25 ml, boil till aU nitrous fumes are expelled, add 
75 ml of cold water and 5 ml of indicator solution, and titrate with thio¬ 
cyanate. 


Determination of Silver in Silver Alloys 

Dissolve 0.5 g of the brightly polished metal in 10 ml of 6 iV nitric 
acid. After the silver has dissolved, dilute with 50 ml of water and 

133 
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boil to expel nitrous fumes.* Cool, add 2-3 ml of the ferric alum solu¬ 
tion, and titrate with the thiocyanate solution as in the standardization. 
The presence of metals whose salts are colorless does not influence the 
accuracy of this determination, except that mercury must be absent 
because its thiocyanates are insoluble. Nickel and cobalt must not 
be present to any extent, because their salts are colored, and not more 
than 60 per cent of copper in an alloy is permissible. If more copper 
is present the following procedure must be used: Precipitate the silver 
by means of an excess of alkali thiocyanate, wash completely with water, 
place the funnel over an Erlenmeyer flask, break the apex of the filter, 
wash its contents into a flask by means of concentrated nitric acid, 
and heat the liquid to gentle boiling for three-quarters of an hour. 
As the sulfuric acid formed will have some influence upon the subse¬ 
quent titration, dilute the solution with water to about 100 ml, and add 
a concentrated barium nitrate solution, drop by drop, until all the sul¬ 
furic acid is precipitated. Then titrate the silver with thiocyanate 
solution without filtering off the barium sulfate. 

2. Determination of Chlorine 

(a) Volhard's Method 
Cl 

1 1 of 0.1 A AgNOj solution = jq = 3.546 g ohiorine 

According to Volhard’s original directions, the chloride solution was 
treated with 0.1 N silver nitrate solution and then, without filtering 
off the precipitate, 5 ml of the ferric-ammonium alum solution were 
added and the excess of silver titrated with 0.1 N potassium or am¬ 
monium thiocyanate (see p. 133). 

The results are satisfactory with large quantities of chloride, but in 
the titration of small quantities of chloride too high results are obtained, 
as was first shown by G. Drechself and later confirmed by M. A. Rosa- 
noff and A. E. Hill, t Drechsel showed that it was impossible to get 
the true end point of the reaction, as the red coloration gradually dis¬ 
appeared on stirring, remaining permanent only after a considerable 
excess of thiocyanate had been added. The reason for this is that 
silver chloride is more soluble than silver thiocyanate. Thus the pre¬ 
cipitate gradually reacts with the red ferric thiocyanate, as follows: 

3 AgCl + Fe(CNS )3 = 3 AgCNS + FeCls 

* Nitrous acid reacts with thiocyanic acid, forming a red compound which may 
easily be mistaken for ferric thiocyanate. 

t Z. anal Chem., 16, 351 (1877). 

} J. Am, Chem. Soc., 29, 269. 
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To avoid this error Drechsel proceeds as follows: 

To the chloride solution in a 200-ml measuring-flask, add an excess 
of 0.1 N AgNOs solution, make the solution acid with nitric acid, and 
shake the stoppered flask until the precipitate coagulates enough to 
give a clear supernatant liquid. Dilute the solution to the mark, thor¬ 
oughly mix, and filter through a dry filter, rejecting the first 10 ml of 
filtrate. Of the filtrate, take 50 or 100 ml, add the ferric alum indi¬ 
cator, and titrate the excess of silver with 0.1 N thiocyanate solution. 
The results thus obtained are excellent. 

Remark. — V. Rothmund and A. Bur^staller* found that it is possible to obtain 
correct results without filtering off the silver chloride precipitate. They heated the 
solution after the addition of the excess of silver nitrate, until the precipitate coagu¬ 
lated thoroughly, in which form it reactted less readily with a soluble thiocyanate. 
After cooling, the ferric alum indicator was added and the titration finished. Roth¬ 
mund and Burgstaller also found that the coagulation of the silver chloride precipi¬ 
tate by etherf sufficed to make the filtration unnecessary. The chloride solution 
is placed in a flask with tightly fitting glass stopper, 5 ml of ether added, and an 
excess of silver nitrate solution. After shaking a few minutes, the supernatant 
solution becomes clear and the titration can be finished with accuracy. 

Adsorption Indicators. — Fajans and his collaboratorst have shown that silver 
halide precipitates, owing to their colloidal properties, tend to adsorb excess Ag+ 
or excess halogen ions from the solution with which they are in contact. The 
adsorbed Ag"^ has the f)ropcrty of dragging down with it the anions of certain organic 
dyestuffs, whi(;h are of a feebly acadic nature, and a change of color takes place as 
a result of the adsorption. Thus fluorescein in aqueous solution has a rose color. 
When silver chloride is formed in the presence of a very slight excess of Ag*^, the 
anion of fluorescein is adsorbed and there is a change of color to reddish violet. If 
a very little of the indicator is present, the silver chloride j^recipitate assumes a 
reddish tint as soon as there is a very slight excess of Ag'^ present. 

In the titration of Cl“ with Ag good results are thus obtained in neutral solutions 
with fluorescein as indicator. To prepare the indicator solution, dissolve 0.2 g of 
the sodium salt of fluorescein in 100 ml of water or dissolve 0.2 g of fluorescein itself 
in 100 ml of alcohol. Use about 2 drops of indicator solution for each 10 ml of 0.1 A” 
chloride solution to be titrated with 0.1 N silver nitrate solution. The results are 
accurate, even in the presence of considerable quantities of alkali cations, provided 
the chloride solution is at least 0.005 N in halogen ions. Alkaline-earth cations inter¬ 
fere somewhat. 

Bromides, iodides, and thiocyanates can be titrated in dilute solutions, even in the 
presence of dilute nitric acid, when eosin is chosen as the indicator. Two drops of 
the 0.5 per cent aqueous solution should be used for each 10 ml of 0.1 N halide to be 
titrated. The silver halide precipitate becomes red colored at the end point. Eosin 
cannot be used for the titration of chlorides with silver nitrate because the eosin is 
adsorbed and colors the silver chloride precipitate before the end point is reached. 

* Z. anorg. Ckem.y 63 , 333 (1909). 

t Of. E. Alefeld, Z. anal Chem., 48, 79 (1909). 

t Z. physik. Chem., 97 , 478 (1921); 106 , 255 (1923); Z. Electrochem., 29 , 495 (1923); 
NaiMTwisBi 11 , 165 (1923); Z. anorg. aUgem. Chem., 137 , 221 (1924). 
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Fluorescein, on the other hand, can be used with chlorides, bromides, iodides, or 
thiocyanates. 

In the titration of silver solutions, there are two ways in which an adsorption 
indicator can be used. An excess of standard halide solution can be added and the 
excess titrated with standard silver nitrate solution using fluorescein or eosin as 
indicator or a slightly basic indicator can be used such as ^‘rhodamine 6 In this 
case the cations of the indicator are adsorbed by the precipitate as soon as a slight 
excess of Br” has been added and a color change takes place with the precipitate 
assuming a bluish violet hue. Nitric acid can be present during this titration with 
the basic indicator provided the concentration is not over 0.5 N in acid. 

A number of other organic dyestuffs can be used as adsorption indicators. Thus 
Kolthoff* reports good results with ^‘tropeolin yellow 00," ^‘bromophenol blue," and 
^‘metanil yellow" in titrating dilute chloride solution with O.l N silver nitrate. 

(b) Fr. Mohr's Method 

If the neutral solution of an alkali or alkali-earth chloride containing 
a few drops of potassium chromate solution is treated with silver nitrate 
solution, added from a buret, a red precipitate of silver chromate is 
formed which, on stirring, disappears on account of its being decom¬ 
posed by the alkali chloride to silver chloride and alkali chromate: 

Ag 2 Cr 04 + 2 NaCl = 2 AgCl + Na 2 Cr 04 

When all the chlorine is changed to insoluble silver chloride, the 
next drop of the sUver solution will impart a permanent reddish color 
to the liquid. For small amounts of chloride in concentrated solutions 
this method gives very sharp results. If, however, the volume of the 
solution is too large, the results are not very accurate. A blank experi¬ 
ment must always be made to see how much of the silver solution is 
necessary to produce the red shade used in the titration when no chloride 
is present, and this amount must be deducted from that used in the 
analysis. 

Remark. — If it is desired to titrate free hydrochloric acid, first neutralize the 
solution. With colorless chlorides having an arid reaction (AlCh), treat the solution 
with an excess of neutral sodium acetate solution and then titrate. With colored 
metal chlorides, precipitate the metal with caustic potash or sodium carbonate, 
filter, wash the precipitate, make the filtrate acid with acetic acid, and then titrate. 

3. Determination of Cyanogen. Method of Liebig 

11 of 0.1 N AgNOs solution = = 13.02 g KCN 

On adding silver nitrate solution, drop by drop, to a neutral or alkaline 
solution of an alkali cyanide, a white precipitate is formed when the 
two liquids first come in contact with one another, but on stirring it 


Z. anal. Chem., 71, 235 (1927). 
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redissolves owing to the formation of potassium silver cyanide; 

AgCN + KCN = KAg(CN )2 

As soon as all the cyanogen is transformed into potassium silver 
cyanide, the next drop of the silver solution will produce a permanent 
turbidity: 

KAg(CN )2 + AgNOa = KNOs + 2 AgCN 

The total reaction is, therefore, 

2 KCN + AgNOs = KNO 3 + KAg(CN )2 

1 Ag corresponds to 2 CN, and the end point of the reaction is shown 
by the formation of a permanent precipitate. 

Prepare the alkali cyanide solution in a beaker, add a little potassium 
hydroxide, and dilute to a volume of about 100 ml. Place the beaker 
on a piece of black glazed paper and titrate with constant stirring until 
the turbidity is obtained. 

For the analysis of free hydrocyanic acid, add an excess of potassium 
hydroxide solution and treat as above. 

The addition of 5 ml of 2 per cent potassium iodide solution slightly 
increases the sharpness of the end point in the above analysis. The 
precipitate then consists of silver iodide of which 1 molecule will dissolve 
in 2 molecules of potassium cyanide, just as silver nitrate does. 

4. Determination of Hydrochloric, Hydrocyanic, and Thiocyanic Acids 
in the Presence of One Another 

In one portion determine the cyanogen according to Liebig. To 
a second portion add an excess of 0.1 N silver solution, make acid with 
nitric acid, filter, wash the precipitate with water, and titrate the excess 
of silver in the filtrate according to Volhard. Pierce the filter contain¬ 
ing the precipitate and transfer the latter by means of concentrated 
nitric acid to a flask and boil for three-quarters of an hour. By this 
means the cyanide and thiocyanate of silver go into solution, while the 
silver chloride remains undissolved. Dilute the solution to about 100 
ml, add enough barium nitrate to precipitate the sulfuric acid formed, 
and titrate the silver corresponding to the cyanide and thiocyanate with 
potassium thiocyanate without filtering off the silver chloride or barium 
sulfate. 

CompidcUion. — If t milliliters of 0.1 N AgNOs were used in the first 
titration, then 2 t milliliters would be needed to precipitate all the 
cyanide. If T milliliters of 0.1 AT AgNOs were required to precipitate 
all the cyanide, thiocyanate, and chloride, and h milliliters of 0.1 N 
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KCNS were used in the last titration, then 

t X 0.005202 = g CN or < X 0.01302 = g KCN 

(ti - 2 <) X 0.005808 = g CNS or (h - 2 i)X 0.009718=g KCNS 

(r - <i) X 0.003546 g = Cl or (r - <i) X 0.007456 = g KCl 


6. Determination of Sulfuric Acid by Benzidine Hydrochloride* 

1 1 of 0.1 N NaOH = = 4.904 g H 2 SO 4 

Benzidine, Ci 2 H 8 (NH 2 ) 2 , is a weak organic base. It forms stable salts with strong 
mineral acids, of which the sulfate is characterized by its slight solubility, particu¬ 
larly in water containing hydrochloric acid. The base itself is neutral toward phe- 
nolphthalein. On account of being such a weak base, therefore, the aqueous solutions 
of its salts undergo hydrolysis. Thus benzidine hydrochloride is decomposed ac¬ 
cording to the equation: 

Ci2 H8(NH2)2'2 HCl + 2 H 2 O 4=^ 2 HCl + Ci2H8(NH2)2(HOII)2 

into hydrochloric acid and benzidine hydroxide, and the latter breaks down further 
into benzidine and water: 

Ci 2 n 8 (NH 2 ) 2 (HOH )2 Ci 2 H 8 (NH 2)2 + 2 H 2 O 

In other words, an aqueous solution of benzidine hydrochloride behaves like a mix¬ 
ture of hydrochloric acid and benzidine, and the amount of acid present may be 
titrated with alkali, using phenolphthalein as an indicator. 

There are two methods which have been used for the volumetric estimation of 
sulfuric acid by means of benzidine. Muller treated the neutral solution of the 
sulfate with a solution of benzidine hydrochloride of known acidity. 

Ci 2 H 8 (NH 2 ) 2-2 HCl + Na 2 S 04 - 2 NaCl + C 12 IWH 2 ) 2-112804 

luBoIuble 

The precipitate of benzidine sulfate was filtered off and the filtrate titrated with a 
standard solution of alkali. The loss in acidity corresponded to the amount of 
sulfuric acid present. Raschig, on the other hand, recommends treating the neutral 
or acid solution of the sulfate with benzidine hydrochloride solution, filtering off 
the precipitated benzidine sulfate, washing it, and then suspending it in water and 
titrating the sulfuric acid with 0.1 iV sodium hydroxide at 50°. 

Raschig prepares the reagent as follows: Triturate 40 g of benzidine with 40 ml 
of water and rinse the paste into a liter measuring-flask with about 750 ml of water. 
Add 50 ml of concentrated hydrochloric acid and dilute to the mark. Shake well. 
Soon the benzidine will all dissolve, forming a brown solution which may be filtered 
if necessary. When using as a reagent, dilute with 19 times as much water. 

Procedure. — To the neutral or slightly acid solution of the sulfate, 
containing not more than 0.1 g of sulfate anions per 50 ml of solution, 
add the diluted benzidine solution in the cold, using 150 ml for each 

* W. Muller, Rcr., 36 , 1587 (1902); Muller and Dttrkes, Z. anal. Chem.^ 42 , 477 
(1903); F. Raschig, Z. angew. Chem., 1903 , 617 and 818; von Knorre, Chem. Ind., 
28 , 2 ; and Friedheim and Nydegger, Z. angew. Chem., 1907 , 9. 
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0.1 g of sulfate ions. A crystalline precipitate of benzidine sulfate 
forms at once, which can be filtered as follows after standing 5 minutes. 

Place a Witt perforated porcelain plate in a funnel of 200-ml capacity. 
The diameter of the plate should be about 40 mm on the top. Place 
2 pieces of filter paper on this plate, about 46 mm in diameter. Insert 
the funnel in a rubber stopper and place in a suction bottle. Moisten 
the filters with water, apply gentle suction, and press the papers to the 
sides of the funnel so that a tight pad is formed of about 3-mm depth, 
which will not allow precipitate to get by. Pour the supernatant 
liquid through this filter, rinse the precipitate and mother-liquor into 
the funnel, and drain. Wash with 15 ml of water added in small por¬ 
tions. Place the precipitate and filter, without the porcelain plate, in 
an Erlenmeycr flask, add 50 ml of water, and shake the contents of the 
stoppered flask until a homogeneous paste is obtained. Remove the 
rubber stopper from the flask, rinse off with water, add a drop of phenol- 
phthalein solution, heat to about 50°, and titrate with 0,1 N sodium 
hydroxide. When the end point is nearly reached, boil the liquid for 
5 minutes, and then finish the titration. 

Remark. — This method does not give good results in the presence of ferric salts, 
but this difficulty can be overcome by leducing the ferric ion with hydrazine hydro¬ 
chloride. Not more than 10 moles of HCl, 15 moles HNOs, 20 moles HC 2 H 3 O 2 , 
5 moles alkali salt, or 2 moles ferric iron should be present to 1 mole of H 2 SO 4 . A 
satisfactory determination of the sulfur in pyrite may be made by dissolving 0.5 g 
of the sample according to the Lunge method (see Pyrite), evaporating off the nitric 
acid, taking up the residue in a little hydrochloric acid, diluting to 500 ml and using 
100 ml for the treatment with benzidine hydrochloride. 


6. Determination of Sulfuric Acid (Hinman)* 

1 1 of 0.1 Na^S^O, = Mil* = = 3,269 g H^SOi 

This method depends upon the fact that barium chromate is easily dissolved by 
dilute hydrochloric acid whereas barium sulfate is not; 1 1 of cold water dissolves 
about 2 mg of BaSU 4 and 3 mg of but the latter salt dissolves easily in 

acid because HCrOi" as an acid is comparable to H2CO3. If a solution of barium 
chromate in dilute hydrochloric acid is added in slight excess to a solution con¬ 
taining SO4 ions, BaS 04 is precipitated; then upon neutralizing the solution 
the remainder of the barium is precipitated as BaCr 04 , leaving 1 mole of Cr 04 
in solution for each mole of SO4 originally present. After filtering, the dissolved 
chromium can be determined iodometrically (p. 120). 

The method is rapid and capable of giving theoretical values in the analysis of 
sulfates containing less than 5 per cent of SOa. By slightly varying the conditions, 

* Am. J. Sci. and Arts, 114 , 478 (1877). Cf. Andrews, Am. Chem. J., 2, 567; 
Pennock and Morton, J. Am. Chem. Soc., 1903, 2265; Bruhns, Z. anal. Chem., 45 , 
573 (1906); Holliger, Ihid.^ 19, 84 (1910), and M. Reuter, Chem, Ztg,, 1898, 357. 
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however, the results are influenced and the most favorable conditions are not always 
the same for different sulfates. The method, therefore, is suitable for routine work, 
but is not theoretically perfect.* 

The results are likely to be high—(1) If the barium chromate contains any 
water-soluble chromate. Since the solubility of barium chromate in hot water is 
appreciable there will always be a positive error from this source, if the solution is 
filtered hot. 

The results will be low — (1) If there is any reduction of chromate other than 
the desired reduction with iodide; this may be caused by the presence of too much 
hydrochloric acid during the first precipitation. ( 2 ) If any oilier chromate is pre¬ 
cipitated with the barium chromate, such as basic ferric chromate. (3) If the solu¬ 
tion is not acid enough during the treatment with iodide the reduction of the chro¬ 
mate is likely to be incomplete. (4) If the solution is hot, or contains an insufficient 
amount of iodide there is likely to be some loss of the iodine. 

Prepare the barium chromate reagent by precipitating barium chloride with 
potassium chromate at the boiling temperature. Wash the precipitate with hot, 
dilute acetic acid and then with water till free from chromate. Dissolve 2-4 g of 
the dry salt in 1 1 of normal hydrochloric acid. One milliliter should precipitate 
0.63 mg to 1.2 mg of SO 3 . 

Procedure. — If the solution of the sulfate is acid, nearly neutralize 
it with caustic alkali solution. Dilute with water until not more than 
about 5 mg of SO 3 is present in 100 ml. Heat to boiling and slowly 
add a slight excess of the barium chromate reagent. Boil for 1 minute, 
or for 6 minutes if any carbonate was present. 

To the boiling solution cautiously add pure CaCOs in small portions 
until present in slight excess (use ammonia if iron, nickel, or zinc is 
present). Cool to room temperature and bring to a definite volume 
in a 250-nil measuring-flask. Filter through a dry filter, reject the 
first 20 ml, and take 100 ml of the filtrate for the titration. 

Add 2-3 g of potassium iodide and 10 ml of concentrated hydro¬ 
chloric acid. Shake well and allow to stand 15 minutes. Then titrate 
slowly with 0.02 N sodium thiosulfate solution. 

Remark. — Wlien iron, nickel or zinc salts are contained in the solution, the acid 
present cannot be neutralized with calcium carbonate, because these salts when 
boiled with calcium carbonate and a soluble chromate form insoluble basic chromates, 
so that too little chromic acid will be found in the filtrate corresponding to too little 
sulfuric acid. In such a case the neutralization is effected with ammonia, an excess 
being added, the solution boiled until the excess is almost entirely expelled and then 
filtered. 

* In some cases it is simplest to apply a correction factor. Thus Komarowsky 
Chem. Ztg.y 31, 498 (1907) deducts 0.3 ml from the final buret reading. J. Lurie, 
at the Mass. Inst. Tech., was able to modify the directions so that correct results 
could be obtained with several sulfates. 
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Home Problems 

67. Compute the percentage of silver in an alloy from the following data: weight 
of alloy ~ 0.4605 g; used 34.85 ml of KCNS solution of which 1 ml = 0.0188 g of 
pure AgNOs. 

68 . What weight of silver alloy should be taken for analysis such that the milli¬ 
liters 0.045 N KCNS solution multiplied by 2 will give the !>ercentage of Ag present? 

69. A silicate weighing 2.000 g yields 0.2558 g of NaCl and KCl which is dis¬ 
solved and treated with 35 ml of A /10 silver solution. The excess of the latter 
reacts with 0.92 ml of A/50 thiocyanate solution. Find percentage of Na 20 and of 
K in the silicate. 

70. Find the weights of dissolved KCl, KCN, KCNS in 500 ml of solution which 
is analyzed as follows: 30 ml react in the Liebig method with 9.57 ml of a solution 
containing 16 mg of AgNOa per milliliter. Then 75 ml more of Ag solution are added, 
the precipitate of AgCl, AgCNS, and AgCN removed, and the excess Ag titrated with 
9.5 ml of A /10 KCNS solution. The above prec ipitate is treated with HNO 3 and 
Ba nitrate solution. The resulting solution containing all the silver except that of 
the AgCl reacts with 58.40 ml of A /10 KCNS solution. 

71. Wliat volume of thiosulfate, of which 1 ml is equivalent to 0.00583 g of Cu in 
Low’s iodide method, will react with the iodine set free by 9 ml of th e a aaa e H 2 O 2 

H 2 O 2 + 2 I" -f 2 H'' 2 ILO + L? 

72. If by the passage of 2 cu ft of illuminating gas at 20® and 750 mm pre^ure 
through Br water, enough H2SO4 is formed so that 34 ml of 0.04 A thiosulfate are 
used in the Hinman method, what percentage by volume of H 2 S does the illuminating 
gas contain if all the S comes from this compound? 

73. If pyrite, FeS 2 , is analyzed by the benzidine hydrochloride method, after oxi¬ 
dation of all the sulfide to sulfate, what volume of 0.08965 A NaOII sedution will be 
required in the analysis of 0.28 g of a sample containing 44.00 per cent sulfur? 
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GRAVIMETRIC ANALYSIS. GENERAL PRINCIPLES 

Gravimetric analysis, or analysis by weight, is the name given to 
methods in which one of the products, obtained from the decomposition 
of a weighed sample, is weighed. The commonest type of gravimetric 
methods is that in which a precipitate is formed in a solution, sepa¬ 
rated from the solution and its dissolved substances by filtration, and 
weighed after suitable drying. The principles involved in precipitation 
and filtration are the same as those of qualitative analysis and, as a 
matter of fact, most of the reactions used in qualitative analysis can 
be utilized in quantitative work. Let us review briefly some of the 
things learned in qualitative analysis concerning the solubility relations. 

A substance like potassium nitrate on being brought into contact 
with water at once begins to dissolve. The rate of solution is influenced 
somewhat by the amount of surface exposed by the salt, a fine powder 
dissolving more rapidly than a single large crystal. At first the sub¬ 
stance dissolves quite rapidly, particularly if the liquid is kept stirred, 
but gradually the speed slackens and finally a time comes when the 
water at a given temperature will dissolve no more of the salt. The solu¬ 
tion is then said to be saturated with the salt and it makes no difference 
how much potassium nitrate is available in excess of the amount re¬ 
quired to form a saturated solution, the solution when once saturated 
at any temperature will dissolve no more salt. 

The quantity of salt required to form a saturated solution varies 
with the temperature, more so with potassium nitrate than with many 
other salts. At 0° the saturated solution contains only 1.3 moles of 
potassium nitrate, whereas 2.7 moles dissolve at 20° and 25 moles 
dissolve at 100°. 

If a solution containing 5 moles of potassium nitrate is prepared by 
dissolving the salt in hot water and the solution is then cooled to 20°, 
we obtain what is called a supersaturated solution. A state of super¬ 
saturation can be maintained for some time provided care is taken 
not to disturb the solution in any way. If the supersaturated solu¬ 
tion is agitated, or, better, if a tiny fragment of potassium nitrate is 
thrown into it, crystallization starts and continues until finally the 
solution contains only 2.7 moles of the salt, which is the quantity of 
potassium nitrate required to form a saturated solution at 20°. 

142 
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The solubility of a substance at any temperature is usually deter¬ 
mined by two methods: first, by shaking up the salt with water until 
a saturated solution is obtained; second, by forming a supersaturated 
solution and allowing the excess of the salt to crystallize out. Usually 
the values obtained by the former method are a little lower than the 
values obtained by the latter method; a slightly undersaturated solu¬ 
tion is obtained in one case and a slightly supersaturated one in the 
other. 

When a solution of potassium nitrate is brought into contact with 
more of the salt, whether more of the salt will dissolve or not is deter¬ 
mined solely by the concentration of the solution. If it is already 
saturated with potassium nitrate, no more of the salt will dissolve; if 
unsaturated, more salt will dissolve to form a saturated solution. The 
equilibrium between a liquid and a solid which is soluble in it is deter¬ 
mined solely by the concentration of the solution. The absolute quan¬ 
tity of substance and the absolute quantity of solution have no effect 
upon the final equilibrium. 

Chemists prefer to look upon a state of equilibrium as a condition 
of dynamic equilibrium rather than as one of static equilibrium. In¬ 
stead of thinking of the saturated solution of potassium nitrate as one 
which has no tendency to dissolve more potassium nitrate, it is prefer¬ 
able to consider the solution as one in which the tendency to precipitate 
potassium nitrate is exactly balanced by the tendency to dissolve potas¬ 
sium nitrate. When the solution is undersaturated and more salt is 
available, the tendency to dissolve is greater than the tendency to pre¬ 
cipitate and when the solution is supersaturated the tendency to pre¬ 
cipitate is greater than the tendency to dissolve. 

The equilibrium principle is the same in the case of diflScultly soluble 
substances. It requires only 0.0015 g (= 0.01 millimole) of silver 
chloride to form a saturated solution in one liter of water. If more than 
this quantity of silver chloride is produced as a result of a chemical re¬ 
action in an aqueous solution, the solution is supersaturated and the 
excess silver chloride will be precipitated very quickly as a rule. 

Chemical Equilibritim and the Mass-Action Law 

If hydrogen sulfide gas is passed into a solution containing zinc chlo¬ 
ride, a white precipitate of zinc sulfide is formed: 

ZnCl 2 + H 2 S = ZnS + 2HCl 

If the precipitate of zinc sulfide is filtered off and treated with hydro- 
dfiloric acid it will dissolve: 

ZnS + 2HCI-ZnCl2 + H2S 



144 GRAVIMETRIC ANALYSIS. GENERAL PRINCIPLES 


Similarly, the addition of ammonium carbonate to a solution of 
calcium chloride in water causes the formation of a white precipitate 
of calcium carbonate: 

CaCb + (NH4)2C03 = CaCOa + 2 NH4CI 

The precipitate can be dissolved, however, by boiling it with ammo¬ 
nium chloride solution. 

In each of the above cases, there are evidently two opposing tend¬ 
encies — the tendency of zinc sulfide to precipitate and the tendency 
of zinc sulfide to dissolve; the tendency of calcium carbonate to pre¬ 
cipitate and the tendency of calcium carbonate to dissolve. To express 
the fact that the reaction may go in either direction it is customary 
to write the s 3 rmbols separated by a double arrow instead of by an 
equality sign: 

ZnCb + H 2 S ^ ZnS + 2 HCl 
CaCb + (NH 4 ) 2 C 03 ^ CaCOs + 2 NH4CI 


Such reactions are called reversible. It was once thought that revers¬ 
ible reactions were of rare occurrence, but it is now customary to con¬ 
sider all chemical reactions as reversible, although many reactions, 
especially most of those used in analytical chemistry, go so completely 
in one direction that only a negligible quantity of one or more of the 
initial substances remains unchanged. In general, when two substances 
A and B react at a constant temperature to form C and Z), then, to some 
extent at least, C and D react to form A and JS, and,equilibrium is 
reached when the ratio of the product of the concentrations of A and B 
to the product of the concentrations of C and D has a definite, constant 
value. This value is characteristic of the equilibrium between the 
compounds involved. 

In the above case, the reaction may be expressed as follows: 

A + B^C + D 


in which A, B, Cj and D represent four different substances reacting 
in the molecular proportions indicated by their symbols. The fin a l 
equilibrium is expressed by the mathematical equation: 


lA] ^ [B] 


k 


in which [A], [B], [C], and [D] represent the final concentrations* of 
the four reacting substances and k is some definite number called the 
equilibrium constant. The value k varies with the temperature. 


* Conceatrationa in such cases are usually expressed in molea per liter. 
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If more than one molecule of substance takes part in the reaction, 
the conditions are somewhat more complicated. This is expressed by 
the general equation 

mA + nB T±pC + qD 

and the final equilibrium is expressed mathematically 

[C]^ X [DJ^ ^ , 

[Ar X [B]- 

in which [A], [H], [C], and [D] represent, as before, the concentrations 
when equilibrium is reached. 

This is the so-called law of mass cwtion, which was discovered by 
Guldberg and Waage in 1867. It is to be noted that it is the concen¬ 
trations, or masses present in a unit of volume, rather than the actual 
masses of the substances, which find expression in this law. 

This law applies to a state of homogeneous equilibrium. A homo¬ 
geneous system is one in which every part of it is like every other part. 
A mixture of two solid substances is not homogeneous. A solution, 
on the other hand, is homogeneous when it is thoroughly mixed, as it is 
impossible to distinguish any difference between different portions of the 
solution. Similarly a mixture of gases represents a homogeneous sys¬ 
tem. Such homogeneous systems are called phases. A mixture of a 
solid, a solution and a gas represents three phases; two solids, two 
phases; two immiscible liquids, two phases. 

In the case of the reactions between zinc chloride and hydrogen sul¬ 
fide and between calcium chloride and ammonium carbonate a precipi¬ 
tate was formed in each case. The mass-action law applied only to the 
zinc sulfide and to the calcium carbonate that remained in solution. 
The fact that thesse substances are only very slightly soluble in water 
favors the progress of the reaction in the direction by which these 
substances are formed. The mass-action law shows that when the 
concentration of any substance participating in a chemical reaction 
is increased, this tends to increase the tendency for the reaction to take 
place in the direction by which this substance is decomposed; when 
any substance formed by means of a chemical reaction is removed 
this increases the tendency for the reaction to proceed in the direction 
by which this substance is formed. The formation of a precipitate 
or the escape of a gas, as fast as the substance is formed by means of 
a chemical reaction, tends to make the reaction take place more com¬ 
pletely. If all the gas is boiled off the reaction by which it is fonned 
will take place completely. Similarly, if any precipitate were abso¬ 
lutely insoluble in water, the reactions by which this substance is formed 
would take place completely. 
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Solubility Product 

Silver chloride is slightly soluble in water; 0.00001 mole (1.5 mg) 
of the solid dissolves in 1 1 of the solvent. When water is placed in 
contact with an excess of silver chloride, a state of equilibrium is soon 
reached between the solid and the solution. If more than this quan¬ 
tity of dissolved substance is present at any time, the solution is super¬ 
saturated and tends to precipitate silver chloride; if less, then more 
silver chloride will be dissolved. When equilibrium is reached the 
tendency of the salt to precipitate is equal to the tendency of the salt to 
dissolve. 

The dissolved silver chloride also exists in a state of equilibrium be¬ 
tween the ionogen and the ions. This equilibrium apparently takes 
place almost instantly, whereas the equilibrium between the solid and 
the solution is established more slowly. For all concentrations of such 
a slightly soluble substance as silver chloride, it is fair to assume that 
the mass-action law holds rigidly. Applied to the reaction 

AgCi ^ Ag+ + cr 

and denoting the concentration of non-ionizcd silver chloride as [AgCl], 
of silver ions as [Ag], and of chlorine ions as [Cl], the law is expressed 
as follows: 

[Ag ] X [C l] ^ 
fAgClJ - 

In this equation k has a definite value, called the ionization constant, 
which varies with the temperature but has otherwise a definite value 
for every substance. When the solution is saturated with silver 
chloride the value of both numerator and denominator has reached 
the saturation value. If the value of [AgCl] is greater than corre¬ 
sponds to this saturation value, the solution is supersaturated and is no 
longer in equilibrium with undissolved solid. The value [AgCl] cannot 
be used for expressing the solubility of the substance because the 
small quantity of silver chloride that dissolves is almost, if not quite, 
completely ionized; it is more convenient to use the ion concentration 
product [Ag] X [Cl] which is called the solubility product. In general, 
if the substance AmBn ionizes into mA and nB ions, the solubility 
product, Sp, is found by the following equation: 

Sp = [A]”^ X [5]« 

Whenever a substance which has a very small solubility product 
is formed by means of a chemical reaction, the greater part of the sub¬ 
stance will leave the solution in the form of a precipitate and the re- 
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action will go practically to completion. The table on p. 148 shows 
that the saturated solution of silver chloride contains only about one 
hundred-thousandth of a mole (= 0.01 millimole) of solid salt per liter. 
The table also shows that when the product obtained by multiplying 
the concentration of the silver ions by the product of the concentration 
of the chloride ions in any aqueous solution is equal to 1.2 X 10~^^ the 
solution is saturated with silver chloride. By adding an excess of 
chloride ions to a solution containing silver ions, it is possible, there¬ 
fore, to precipitate practically all the silver. It is evident that it will 
take fewer silver ions to give the solubility product when an excess of 
chloride ions is used than is necessary when pure silver chloride is dis¬ 
solved in water. 

The precipitated silver chloride will dissolve completely in potas¬ 
sium cyanide, because the silver ion forms with the cyanide ion a com¬ 
plex which is ionized to such a slight extent that the solubility product 
of silver chloride is no longer reached, even although all the chlorine is 
present as chloride ions. 

Experience has shown that the conditions are somewhat more com¬ 
plicated in concentrated solutions such as are obtained with the very 
soluble substances. In future discussion, therefore, the solubility will 
be expressed, as a rule, in terms of the solubility product only when the 
substance does not dissolve to a greater extent than 0.01 mole per liter. 
In such dilute solutions the ionization of salts is nearly 100 per cent. 
It is therefore logical, in such cases, to express the solubility in terms 
of the ions, whereas with very soluble substances it is better to measure 
the solubility in terms of the mass of dissolved substance. 

In the accompanying table the solubility of the substance is expressed 
in three ways: in grams of dissolved substance per liter, in moles per 
liter, and, finally, in terms of the solubility product, using moles per liter. 
The solubility of most of the substances given in the table is so slight 
that the quantity dissolved is negligible for most purposes. Whenever 
the word insoluble is used in this book it is with the understood limitation 
that no substance is absolutely insoluble in water. 

This table is prepared from many sources, and the values are based, 
in some cases, upon solubility determinations by methods which are 
now considered inaccurate. The table gives a good idea, however, of 
the relative order of magnitude. For copper sulfide, the table states 
that 8.8 X g dissolve in 1 1 of water. Obviously, the experi¬ 
mental determination of such a small value is fraught with difficulty and 
the probable error is large. For most purposes such a value represents a 
negligible quantity, and the statement is often made that copper sulfide 
is insoluble in water. It is instructive, however, to compare the solubil- 
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SOLUBILITIES AND SOLUBILITY PRODUCTS AT ROOM 
TEMPERATURE 


Substance 

Solubility in 
Grams per Liter 

Solubility in 
Moles per Liter 

Solubility Product 

AgBr. 

1.1X10--* 

5.9X10-7 

[Ag]X [Hr] = 3.5X10-13 

Ag2(CN),,..i 

4.3X10-5 

1.6X10-7 

[Ag] X [Ag(CN)j] = 2.6X 10-“ 

AgCNS. 

1.4X10-* 

8.4X10-7 

[Ag]X[CNS] = 7.lXlO-i3 

AgCl. 

1.5X10-3 

1.1X10-5 

[Ag]X[Cl] = 1.2X10->» 

Ag2Cr04 .... 

2.5X10-2 

7.5X10-5 

[Ag]2X[Cr04] = 1.7X10-“ 

Ag2Cr207.... 

8.3X10-2 

1.9X10-4 

[Ag]2X[Cr2O,]=2.7X10-“ 

AgjO. 

2 . 1 x 10-2 

9.0X10-5 

[Ag]X [OH] = 1.9X10-2 

Agl. 

3 . 0 x 10 -® 

1.3X10-8 

[Ag]X [I] = 1.7X10-“ 

AglOs. 

4.4X10-2 

1.5X10-4 

[Ag]X [ 103 ]=2.3X10-2 

AgsPO,. 

6.5X10-3 

1.6X10-5 

[Ag]2X[P04] = 1.8X10-“ 

Ag2S04. 

8.0 

2 . 6 x 10-2 

[Ag]2XtS04]=7.0X10-8 

BaCOs. 

1.3X10-2 

4.3X10-5 ! 

[Ba]X[CO8] = 1.9X10-8 

BaCr04. 

3.8X10-2 

1.5X10-8 

[Ba]X[CrO 4 ] = 2.3X10-'» 

BaS04. 

2.5X10-2 

1.1X10-5 

[Ba]X[SO 4 ] = 1.2X10->» 

BaF2. 

1.3 

7.5X10-3 

[Ba]X[F]2 = 1.7X10-2 

CaCOs. 

1.3X10-2 

1.3X10-8 

[Ca]XlC 03 ] = 1.7X10-2 

CaC204 . 

8.0X10-2 

6.2X10-8 

[Ca]X[a04] = 3.8X10-2' 

CaCrO*. 

23. 

1.5X10-2 

[Ca]X[CrO 4 ] = 2.3X10-* 

CaF2. 

1.6X10-2 

2.0X10-4 

[Ca]X[F]2=3.2X10-“ 

CaSOi^. 

Cu 2 (CNS) 2 .. 

2.0 

1.5X10-2 

[Ca]X[S 04 ] = 2.3X10-8 

5.0X10--* 

2.1X10-8 

[Cu]X[CNS] = 1.7X10-“ 

CU 2 C 12 . 

1.2X10-* 

6.0X10-4 

[Cu]X[Cl] = 1.4X10-« 

CU 2 I 2 . 

3.0X10-4 

8.0X10-7 

[Cu]XlI]=2.6X10-“ 

CuS. 

8.8X10-2* 

9.2X10-23 

[Cu]X [8]=8.5X10-“ 

CdS. 

8.6XlO-*3 

6.0X10-15 

[Cd]X [8] = 3.6X10-28 
[Fe]X[OH]2=1.6XlO-“ 

Fe(OH) 2 .... 

1.4X10-3 

1.6X10-5 

FeS. 

3.4X10-8 

3.9X10-18 

[Fe]X [8] = 1.5X10-“ 

Fe(OH)3.... 

4.8X10-8 

4.5X10-18 

[Fe] X [Oil]’ = 1.1X10-’* 

HgjBrj. 

3.9X10-5 

6.9X10-8 

[Hgj]X[Br]2=1.3X10-2' 

Hg,Ch. 

3.8X10-4 

8.0X10-7 

[Hg2]X[Cl]2=2.0X10-“ 

Hfel,. 

2.0X10-7 

3.lXl0-*«> 

[Hg2]X[I]2=1.2X10-2« 

HgO. 

3.2X10-7 

1.5X10-8 

[Hg]X[OH]2=1.4X10-2« 

HgS. 

1.5X10-24 

6.3X10-27 

[Hg]X [8] = 4.0X10-82 

KzPtCle. 

11. 

2.3X10-2 

[K] 2 x[PtCl.]= 4 . 9 X 10-8 

MgCO,. 

4.3X10-* 

5.1X10-8 

[Mg] X [CO,]=2.6X10-8 

Mg(OH)2... 

1.2X10-2 

2.0X10-4 

[Mg] X[OH]2=3.4X10-“ 

MgNH4P04.. 

8.6X10-8 

6.3X10-5 

[Mg] X [NH 4 ]X [PO 4 ]=2.6X 10-“ 

Mn(OH) 2 .... 
MnS . 

3.3X10-8 

3 . 8 x 10 ^ 

[Mn]X[OH]2=4.0X10-“ 

[Mn]X[SJ=1.4X10-2» 

least Bolu- 



(Ni]X[S]=l,4X10-«‘ 

NiSbleallotro- 

7,0X10-4* 

1 . 2 x 10 -“ 

pic form 



PbBra. 

9.7 

2.7X10-* 

[Pb]X[Br]8=7.9X10-» 

PbCL. 

11 . 

3.9X11-8 

(Pb]X[Cl]2=2.4X10-‘ 
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SOLUBILITIES AND SOLUBILITY PRODUCTS AT ROOM 
TEMPERATURE — Continued 


Substance 

Solubility in 
Grams per Liter 

Solubility in 
Moles per Liter 

Solubility Pro<luct 

PbCOa. 

1.1X10~» 

4.1X10““ 

[Pb]X[C03] = 1.7X10-11 

Pbl2. 

6 8X10-1 

1.5X10-3 

[Pb]X[I]2= 1.4X10-8 

Pb,(P04)2... 

1.4X10-^ 

1.7X10-7 

[Pb]3X[P04]2= 1.5X10-32 

PbS04. 

4.2X10-2 

1.5XlO-< 

[Pb]X [8041 = 2.3X10-8 

PbCr 04 . 

4.3X10-*^ 

1.3X10-7 

[Pb]X[CrO4] = 1.8X10-i< 

PbS. 

4.9X10-12 

2.0X10-1^ 

[Pb]X[S] = 4.2X10-28 

SrC204. 

6.6X10-2 

3.8X10-* 

[Sr] X[C 204 ] = 1.4X10-7 

SrCOa. 

1.0X10-2 

6.8X10-6 

[Sr]X[CO 3 ] = 4.6X10-« 

SrF2. 

2.3X10-1 

1.8X10-3 

[Sr]X[F]2 = 2.5X10-i> 

SrS04. 

1.1X10-1 

6.0X10-* 

[Sr]X[SO4] = 3.6Xl0-7 

TlBr. 

4.8X10-1 

1.7X10-3 

' [Tl]X[Br] = 2.9X10-8 

TICNS. 

3.2 

1.2X10-2 

[Tl]X[CNS] = 1.4Xl0-« 

TlCl. 

3.4 

1.4X10-2 

[T1]X [Cl] = 2.0X10-* 

Til. 

6.4X10-2 

1.9X10-^ 

[T1]X [11 = 3.6X10-8 

Zn(OH)2.... 

6.1X10-^ 

6.3X10-7 

[Zn]X[OH]2= 1.8X10-** 

ZnS. 

3.3X10-W 

3.5X10-12 

[ZnlX [SI = 1.2X10-23 


ity products of the various sulfides, and important methods of sepa^ 
ration have been based upon such studies. Only two significant figures 
have been given in the table, although it is obvious that more would be 
justifiable in the case of the more soluble substances, while even the 
first figure is doubtful for the very insoluble substances. The values are 
affected to different degrees by changes in temperature and the presence 
of other substances in solution. A careful, critical study of all the 
experimental data would be necessary to give the proper number of 
significant figures, and it would be necessary to give the exact tempera¬ 
ture. 

In computing the solubility products, the assumption has been made 
that the ionization is complete and no attention has been paid to the 
effect of hydrolysis. 

Two examples will be given to illustrate the method of computing 
the molar solubility, Sm, and the solubility product, Sp. A saturated 
solution of silver iodide contains 3.0 X 10“^ g (= 0.0030 mg) per 
liter. The molecular weight of silver iodide is 234.8. The saturated 


solution, therefore, contains 


3.0 X 10~« 
235 


1.3 X 10*"® mole. At this 


dilution the dissolved silver iodide can be assumed to be completely 
ionized: 


Agl Ag+ + r 
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and since 1 mole of silver iodide furnishes 1 mole of silver ions and 1 
mole of iodine ions, it is evident that the solubility product, Sp, is for 
[Ag] X [I] = [1.3 X 10-«1 X [1.3 X 10-«] == 1.7 X 10-i^> = Sp. 

A saturated solution of silver phosphate contains 6.5 X 10“'^ g 
(= 6.5 mg) per liter. The substance is much more soluble in water 
than silver iodide, but its solubility product is smaller. The molecular 
weight of silver phosphate is 418.7. The saturated solution, there¬ 


fore, contains 


6.5 X 10“3 
* 419 


1.6 X 10~^ mole of silver phosphate, which 


can be assumed to be completely ionized: 


AgaP04i=^3Ag+ + P04"~" 


1 mole of silver phosphate yielding 3 moles of silver* and 1 mole of 
phosphate ions. The solubility product is 

[Agl'^ X [PO4J = [3 X 1.6 X lO-'f X [1.6 X 10-^>] = 1.8 X IQ-^^ = Sp 


Expressed in terms of the solubility product, we may say that pre¬ 
cipitation results when the solubility product is exceeded. Therefore, 
by increasing the concentration of the precipitant, say Ag+, the quantity 
,of other ion, say Cl', required to furnish a precipitate is diminished and 
the precipitation is more complete. For practical purposes, a reaction 
is complete or quantitativey as we often say, when less than 0.1 mg re- 


* If X moles of Ag 3 P 04 dissolve in a liter of water and the AgaPO,! is completely- 
ionized, the con(*entration of the Ag"^ is 3 x and that of the PO 4 is .r when the con¬ 
centration is expressed in moles per liter. If the concentration is expressed in equiva¬ 
lents per liter (i.e., in terms of normal solutions), the x moles of Ag 3 P 04 furnish 3 x 
equivalents of Ag 3 p 04 which ionize into 3 x equivalents of Ag"^ and 3 x equivalents of 

PO4 . The mass-action law expression —^Jv ft - == k holds for either method 

[Ag3P04] 

of expressing concentrations, but it is, on the whole, simplest and best to express 
solubility products in moles per litery and [Ag]® X [PO4] = 27 X* in a saturated solu¬ 
tion of silver phosphate containing x molecules of dissolved silver phosphate com¬ 
pletely ionized. From the solubility product, the quantity of dissolved substance 
can be calculated. As one of the more complicated cases, let us consider lead 
phosphate. The solubility product, [Pb]® X [P 04 ]^ is 1.5 X If x moles of 

Pb 8 (P 04)2 dissolve in a liter of water and the salt is completely ionized, the solution 
will contain 3 x moles of Pb'^'^ and 2 x moles of PO4 and 

[Pb ]8 X [PO 4 ]'' = [3xp X [2x]2 = 1.5 X 10-®2 
or 

108x6 = 1.5 X 10-®2 = 1500 X 10-86 
X = 1.7 X 10-7 

Then, with the aid of logarithms, it is easy to solve (cf. p. 45). 

In applying the solubility-product principle it is often necessary to remember 
that hydrolysis often takes place when the salt dissolves in water. In such cases 
the above methods of computation should be modified. 
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mains in solution. A large excess of reagent, however, usually does 
more harm than good. In many cases the precipitate is more soluble 
in a large excess of reagent. Thus barium sulfate is least soluble in 
dilute sulfuric acid but after a certain concentration is reached the solu¬ 
bility increases and it dissolves readily in hot, concentrated sulfuric acid. 
The most common effect, however, is to diminish the purity of the pre¬ 
cipitate. The precipitate in forming may entrap some of the solution, 
an inclusion error; or some of the soluble ions may stick to the surface of 
the precipitate, occlusion or adsorption. 

Adsorption or Occlusion. — The term adsorption was originally used 
to express the retention of soluble substances from a solution by powders 
or porous solids. Thus charcoal is used to remove coloring matters from 
solutions and it is probable that the surfaces of all solids exert an attrac¬ 
tive force upon substances in solution perhaps holding a layer not thicker 
than that of a single molecule. Such an attractive force results from the 
fact that the forces of the component parts of a solid are not so fully 
satisfied at the surface as in the interior. The extent to which adsorp¬ 
tion takes place should therefore increase with the extent of surface ex¬ 
posed and with the concentration of the solution. 

It is difficult and often impossible to remove adsorbed substances by 
washing the precipitate. 

Besides holding substances on their surface, many substances actu¬ 
ally have the ability of dissolving other substances forming what is 
called solid solutions. From such a solid solution, it is sometimes impos¬ 
sible to wash out the dissolved substance by a liquid solvent. The 
extent to which adsorption or occlusion takes place depends to a con¬ 
siderable degree upon the nature of the substances in the solution and 
to the length of time that a precipitate is left in contact with the solu¬ 
tion. The error produced by weighing a precipitate containing adsorbed 
substances is usually but not always a positive one. It is possible to 
throw down a precipitate of barium sulfate in the presence of ferric iron 
and obtain a precipitate which will show reddish ferric oxide upon ig¬ 
nition and yet weigh too little because if the barium sulfate adsorbs or 
occludes ferric sulfate, the latter will lose SO3 upon ignition and one will 
weigh Fe 203 instead of BaS 04 . 

To overcome these errors, it is best to work in dilute solution whenever 
the solubility of the desired precipitate is sufficiently slight and to avoid 
letting the solution stand too long before filtering. 

When the adsorbing surface is relatively small, as with the sides of 
a glass vessel or with a small filter paper, errors caused by adsorption 
are usually not serious and it is comparatively easy to wash free from 
the adsorbed material. In the case of crystalline precipitates with 
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large grains the errors are not usually as serious as in the case of gels 
such as ferric or aluminum hydroxide. Adsorption is always more or 
less selective in nature, and precipitates tend to adsorb some substances 
in solution to a much greater extent than they do others. It has been 
shown that aluminum hydroxide will decolorize dilute solutions of ali¬ 
zarin and certain other dyestuffs but has practically no adsorbing action 
on emerald green or chrysoidin. Freshly precipitated hydrated alu¬ 
minum hydroxide and metastannic acid are capable of adsorbing large 
quantities of arsenic acid from solution, and it is practically impossible 
to remove an appreciable quantity of the adsorbed material by washing. 
In all cases that have been studied quantitatively, the adsorption is 
expressed fairly well by the equation 



in which rr is the amount adsorbed, ni represents the units of adsorbing 
agent, c is the concentration of the solution, k is a constant, and n is 
greater than 1 but is not necessarily an integer. As a general rule, the 
adsorption by a precipitate is less if the solution is dilute and if the 
precipitate is not allowed to remain long in contact with the solution. 

In handling colloidal substances adsorption is not the only thing 
that the chemist has to fear. Most colloids are to some extent rever¬ 
sible and tend to return to the sol state when washed with pure water. 
The sol condition represents a finer state of subdivision than that of 
the gel. To prevent colloidal substances from passing through the 
filter, it is sometimes desirable to wait for some time before filtering, 
sometimes desirable to work with fairly concentrated solutions, to 
wash with the solution of an electrolyte instead of with pure water, and 
to keep the mother-liquid hot. 

Filtration and Washing of Precipitates 

How large should the filter be, and how many times should the pre¬ 
cipitate be washed? 

With regard to the second question it is evident that the precipitate 
should be washed until the soluble, non-volatile, matter is completely 
removed. It is clear, however, that this point will never be reached 
because a part of the solution always remains on the filter, but it is 
not difficult to make the amount of the dissolved substance remaining 
so small as to be negligible. When the amount of dissolved substance 
remaining on the filter is so small that it could not be detected by the 
balance, the precipitate can be considered to be completely washed. 
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The aim should be not only to remove the soluble matter, but also to 
accomplish this with as little wash water as possible. 

No precipitate is absolutely insoluble, so that it is clear that every 
unnecessary excess of wash water causes harm by removing a fraction 
of the precipitate, and the greater the excess of the wash water the 
greater the amount of the precipitate dissolved. 

The amount of wash water to be used depends largely upon the nature 
of the precipitate itself. Amorphous, gelatinous precipitates always 
require more washing than crystalline, granular ones.* As a rule, it 
may be said that the process of washing must be continued until the 
substance which is being washed out can no longer be detected in the 
last filtrate. If the filtrate must be used for another determination, 
it is obvious that it should not be tested too soon. 

Let us assume the filter to hold 10 ml, the solution to drain to the 
last drop from the paper, the amount of the solution held back by the 
precipitate and filter to be 1 ml and to contain 0.1 g of the solid sub¬ 
stance which is to be removed by washing. 

The filter is filled to the upper edge with wash water and allowed to 
drain to the last drop n times, until not more than 1/100 mg of the sub¬ 
stance to be removed by washing remains. 

According to our assumption, 9 ml drain off and 1 ml remains behind; 
we have consequently: 

Removed by the There remains after the 

Ist washing, 0.1-9/10 g 1st washing, 0.1-1/10 g 

2d 0.1-9/10-1/10 g 2d O.M/lO-l/lOg 

3d ‘‘ 0.1-9/10-(l/10)2g 3d 0.1-1/10(1/10)2 g 


nth “ 0.1-9/10-(l/10)«”ig nth 0.M/10-(l/10)«-i g 


After washing n times, therefore, the amount removed by washing 
is the sum of the decreasing geometric series of which the first term is 
0.1-9/10 and the constant factor is 1/10. 

If n = 4, the sum of the series is 


- 1 ] 

A- 1 


0.09999 g 


After washing the precipitate four times, therefore, 0.09999 g of 
the impurity has been removed. According to the assumption that 

* The reason why some precipitates require more washing than others is that the 
degree of adsorption varies. (Cf. Ostwald, Die mssenschafU. Grundl. der analyt, 
Chem,) 
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there was originally 0.1 g of this substance, there remains in the pre¬ 
cipitate only 0.00001 g, or in other words a negligible amount. 

Consequently, the filtrate should be tested qualitatively for the sub¬ 
stance to be removed only after the precipitate has been washed four 
times. 

Often the washing will be found to have been complete after the fourth 
washing, but as a rule this will not be so, and in many cases it will 
be found necessary to repeat the operation for ten to twenty times. 
In the processes which are described it will usually be stated how far 
to carry the washing. 

Now in order to wash a precipitate with the least possible amount of 
wash water, it is evident that the size of the filter paper will have an 

effect. The filter should be made as 
small as possible, irrespective of 
whether there is little or much liquid 
to filter. The size of the filter used 
should he regulated entirely hy the 
amount of the precipitate and not at 
all by the amount of the liquid to he 
filtered. The mistake should not be 
made, however, of using too small a 
filter. The precipitate should never 
reach the upper edge of the paper; 
about 5 mm should remain free, and 
even then the filter should not be so 
It is better to have the filter filled 
about as much as is shown in Fig. 146, in order that suifficient room is 
left for the wash water. 

The use of too large filters is one of the inexcusable analytical errors. 

Paper Filters. — Strength, uniform texture, proper porosity, and a 
low ash are the desirable qualities in filter paper for quantitative work. 
A paper of 7-cm diameter should have an ash of less than 0.05 mg. To 
get this low ash, the paper is washed with hydrochloric and hydro¬ 
fluoric acids. This washing makes the paper softer and more porous 
but weakens it so that it is more easily torn. 

The purpose of filtration is to separate a solid from the liquid in which 
it is suspended. The pores of the paper must be smaller than the par¬ 
ticles of solid which are to be retained by the filter. Precipitates vary 
with respect to the size of the smallest particles. Some, like crystal¬ 
line barium sulfate or gelatinous metastannic acid, are very finely di¬ 
vided and require a fine-grained paper. Such filter paper is a slow fflter- 
ing medium. Consequently chemists are accustomed to use different 



Fig. 14. 

completely filled as in Fig. 14a. 
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grades of filter paper, some which make rapid filters and others which 
make slow filters but arc required for precipitates that are likely to pass 
through the pores of a rapid filter paper. 

Funnels are supposed to have an angle of exactly 60°, and the simplest 
way to fold a circular cut paper is to crease it across a diameter and then, 
without opening the paper, make a second fold at right angles to the 
first one. To test the funnel, and this should always be done before 
starting to filter, open the filter so that it makes a cone to fit the funnel, 
wet the paper, and see if it fits tightly against the side walls of the funnel. 
It is important that it should fit tightly along the upper edge which 
must always be below the rim of the funnel as otherwise the filter can¬ 
not be washed satisfactorily. Pour water into the funnel, and if the 
filter fits, the stem should fill with liquid. If the stem is too wide, 
this will r>o1 always happen. A little grease in the stem of the funnel 
will also interfere. If the filter does not fit when folded into a 60° 
cone, change the second fold sufficiently to make it fit. 

It is convenient to mark the funnel so that it can always be told how 
much the second fold should be changed to make the filter paper fit the 
funnel. It is also well to mark the funnel so that it can be recognized 
as a rapid or as a slow funnel, for funnels vary greatly in this respect. 

The above method of folding a filter paper is the easiest and quickest 
but often considerable time is saved in the filtration by folding the paper 
so that liquid passes through it more rapidly. The following method 
of folding a filter accomplishes this end but it is harder to make the 
filter fit tightly to the funnel and there is more danger of having a little 
precipitate get by the filter. 

(1) Fold the paper evenly across a diameter of the circle as in the 
above method. 

(2) Open up the fold and make another at. right angles to it creasing 
the paper on the same side as at first. This is done by merely bringing 
the two points on the circumference of the circle that were met by the 
first fold over against one another and flattening out the paper again. 

.(3) Turn the paper over and fold again exactly 22|° away from one 
of the first two folds. To get this position, bisect one of the quadrants 
formed by the previous two folds, by merely bringing two creases to¬ 
gether and flattening out the paper so that a little crease is made on 
the circumference, and make another bisection in the same way. At 
this last mark fold across the paper with the crease on the opposite side 
to that made by the original folds. 

(4) Open up the paper and make another fold at right angles to the 
third fold. Change half of this last fold to make the paper fit the funnel. 

For large funnels a plaited or fluted fiMer is often desirable. These can 
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be purchased already folded but the quality of the paper is not always 
suitable for quantitative work. Swedish filter paper is satisfactory for 
most purposes when the filter itself is not to be ignited. This can 
be purchased in sheets and one quarter sheet is sufficient for a large 
funnel. Since all filter paper retains some of the solution poured through 
it so firmly that it is very difficult to remove the last traces of solute by 
washing, it is never wise to choose a large funnel simply because con¬ 
siderable liquid has to be filtered. To make a plaited filter: 

(1) Fold the filter once along a diameter as in the first method Do 
not open this fold. 

(2) Make a second fold along the radius as in the first method. 

(3) Open this second fold and make two other folds at right angles 
to each other, dividing the doubled filter into quarters. This is ac¬ 
complished by taking half of the straight edge of the once folded filter 
and folding it over to make it coincide with the second fold. In all 
these folds, take care to make them accurately but do not crease the 
paper hard at the center. 

(4) With the paper again folded only once, make a fold dividing one 
of the outside segments into halves and make a fold at right angles to 
this by bringing over the other half of the straight edge. 

(5) Make two more folds starting with the other outside segment. 

By these seven folds the original circle is divided into 16 parts of 

equal size and if the paper is opened, half of the creases will be found 
all on the same side in one half of the paper and all on the other side 
in the other half of the paper. 

(6) With the paper again doubled as it was after the first fold, start 
at the outside, fold over into the first crease and then bring back the 
outer edge so that it is in line with the outer edge of the first crease. 
This makes a subdivision of the outside segment and brings the crease 
on the opposite side of the doubled paper. 

Without opening this last fold, go into the next crease and again 
come back continuing until the middle fold is reached. 

Start in the same way at the other side of the doubled paper and plait 
toward the center as from the other side. 

In this way the paper will be divided into 32 equal segments. If the 
filter is made from a quarter sheet of Swedish paper, it is not necessary 
to cut out a circle at the start. When the plaiting is finished it is 
easy to tear off the ends of the folded paper so that it will fit into the 
funnel, without protruding above the edge, and leave a nearly circular 
edge. 

Plaited filters are used chiefly when it is desired to filter off a large 
and bulky precipitate and it is not necessary to wash the precipitate 
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thoroughly. Plaited filters made from Swedish paper filter rapidly 
but are likely to break at the point of the cone. 

It is rarely advisable to use suction with a paper filter. The suction 
is likely to draw small particles of the precipitate into the pores of the 
paper and then filtration is usually as slow as or slower than it would 
have been without the suction. If suction is used with a paper filter, it 
should rest in a filtering cone made of platinum, palau, or a hardened 
parchment filter. 


Filtering Crucibles 

The use of a filtering crucible with perforated bottom was first sug¬ 
gested by F. A. Gooch.* The preparation of asbestos fibers as filtering 
medium and the use of the Gooch crucible were described in connection 
with the filtering of a permanganate solution on p. 98. If the Gooch 
crucible and the asbestos are heated to the temperature at which it is 
desired to heat the precipitate, cooled in a desiccator, and weighed, then 
the gain in weight after the precipitate has been transferred to the 
crucible, washed, and heated, represents the weight of the precipitate. 

Often it is sufficient to heat the product to a temperature of 105°, in 
which case an automatically controlled electric oven is very service¬ 
able. If it is desired to heat the precipitate to a higher temperature, the 
Gooch crucible should be heated inside another crucible or in an air-bath 
so that the gas flame does not play directly against the holes in the 
crucible. Electric ovens are also made which permit drying at tem¬ 
peratures up to 1000°. 

The so-called Munroe crucible, f in which the filtering medium con¬ 
sists of a porous felt of spongy platinum, is a modification of the Gooch 
crucible which permits rapid and accurate work. The felt is prepared 
by igniting a carefully dried layer of ammonium chloroplatinate, which 
has been poured over the bottom of a platinum Gooch crucible in the 
form of an alcoholic sludge while the crucible is held against several 
layers of filter paper. The felt can be shaped to the crucible during the 
ignition and subsequently burnished lightly with a glass rod of suitable 
form. If imperfections develop, the felt should be saturated again 
with chloroplatinic acid, the crucible slowly lowered into a moderately 
concentrated solution of ammonium chloride, washed with alcohol, 
dried, and ignited. On account of the high price of platinum, the 

* Proc. Am. Acad.j 13 , 342 (1878); Am. Chem. 1 , 317. 

t C. E. Munroe, J. Anal. Chem., 2 , 241; Chem. Newn, 68, 101. See also W. O. 
Snelling, J. Am. Chem. Soc., 81 , 456, and O. D. Swett, ibid., 31 , 928. The last refer¬ 
ence gives a table of suitable solvents for removing ignited precipitates from the 
Munroe crucible. 
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present tendency is to avoid its use as much as possible so that the 
Munroe crucible has never been popular. The Norton Company of 
Worcester, Massachusetts, make alunduni filtering crucibles which are 
very rapid but are rather slow to dry to constant weight at low tempera¬ 
tures. At Jena, Germany, filtering crucibles with sintered glass, porous 

bottoms are made with different degrees of po¬ 
rosity; they can replace the Gooch crucible to 
advantage in most cases. 

Wash Bottles 

For transferring a precipitate to a filter and 
for washing it, a wash-bottle is indispensable. 
Figure 15 shows a sketch of the type most 
commonly used. It consists of a flat-bottomed, 
75()-ml flask fitted with a rubber stopper and 
glass tubing bent so that the mouthpiece and 
outlet tubing are in line. It is best to make 
the outlet lube in two pieces so that the jet 
can be manipulated by moving two fingers of 
the same hand that holds the bottle. The 
nozzle may be made by drawing out tubing 
until a capillary is formed and then cutting off to make a stream of the 
proper size. A stouter tip may be made by simply fusing the end of the 
original tubing until it has contracted to the proper 
diameter. 

The bend of the long piece of tubing inside the flask 
is made so that this reaches into the deepest part of 
liquid when the wash-bottle is inclined slightly as in 
washing precipitates. A bend of the opposite kind is 
useful for washing precipitates out from beakers, when 
the bottle is inclined in the opposite direction. 

In washing the filter, the stream should always be 
directed against the upper edge of the paper; this is 
the hardest part of the paper to wash. 

For washing with organic solvents that dissolve 
rubber, a bottle with a ground-glass stopper is desir¬ 
able but it is unnecessary for most work in inorganic 
chemistry. 

The wash-bottle shown in Fig. 16 is useful for work w^ith hot water or with bad¬ 
smelling wash-liquids. It contains two tubes like the ordinary wash-bottle but at 
the end of the tube A a Bunsen valve is placed. This is made by cutting a sht in a 
short piece of rubber tubing, placing this on the end of the tube through which one 
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blows in using the bottle, and sealing the other end of the rubber tubing with a piece 
of glass rod. On blowing the slit opens but closes to prevent escape of steam. The 
third tube C is closed by the finger when using the bottle or by means of rubber 
tubing and a pinchcook. After blowing through A, a stream of water is ejected at 
R if C is kept closed. When C is opened the stream stops. It is well to wind the 
neck of the wash-bottle with heavy curtain cord, if it is to be used for hot water. 

PoUcemen 

Sometimes a little precipitate adheres to the side of a vessel. To re¬ 
move it, a piece of rubber over the end of a glass stirring-rod is used. 
This so-called policeman may be made by sticking together the end of a 
piece of rubber tubing that fits the rod tightly, or it may be purchased 
from a chemical supply house. The policeman should not as a rule be 
used for stirring a solution and should not be allowed to remain in 
solutions. 


The Drying and Igniting of Precipitates 

Before a precipitate can be weighed it must be absolutely dry. Those 
precipitates which do not undergo a change of weight on ignition are 
treated as follows: 


(a) THE PRECIPITATE IS IGNITED DRY 

This method, in which the precipitate is separated from the filter, 
the filter burnt by itself, the ash added to the main part of the precipi¬ 
tate, and the mixture then ignited to constant weight, is used when the 




d 

Fig. 17 . 


ignited substance will be reduced by the burning paper, for example, 
in the case of precipitates of silver chloride, lead sulfate, bismuth 
oxide, etc. 

To perform this operation it is first desirable to dry the filter and 
precipitate at 100°. Wet a common filter, stretch it over the top of 
the funnel, and then gently tear off the superfluous paper. The cover 
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thus formed continues to adhere after drying. Place the funnel and 
filter in a drying-closet and dry at 100-105°. When perfectly dry, 
place a weighed crucible upon a piece of glazed paper of about 20 sq 
cm (Fig. 18, left) and carefully shake the dry precipitate into the cruci¬ 
ble, removing it from the paper as completely as possible by gentle 
rubbing with a platinum spatula. Brush into the crucible with the aid 
of a feather any small particles of the precipitate which may have fallen 
upon the glazed paper (Fig. 18). Small particles of the precipitate will 
still always adhere to the paper, and these must be weighed. In order 
to accomplish this, set fire to the filter and weigh the ash by itself or 
mixed with the main part of the precipitate.* 

The combustion of the filter, to which small particles of the precipi¬ 
tate still adhere, is best accomplished by the method proposed by Bun¬ 
sen as follows: Fold the filter together so that the precipitate occupies 



the position indicated in the shaded part of Fig. 17 a, and then fold again 
as indicated by and y of Fig. 17 to a narrow strip. Roll up the paper 
as indicated by 5, beginning at 5, so that the portion of the filter which 
is free from the precipitate is on the outside. Place the roll in the loop 
of a platinum wire, hold it over the crucible (see Fig. 18), and set fire to 
the filter by means of the gas-flame. Take away the flame and allow 
the paper to burn quietly. If carbonized particles still remain, ap¬ 
ply the gas-flame repeatedly until it is no longer possible to make the 
particles glow any more. (Too strong ignition should be avoided.) 
Add the ash to the contents of the crucible by gentle shaking and the 
final use of the feather. Heat the crucible at first with a small flame, 
and gradually raise the temperature until the prescribed temperature of 
ignition for the given precipitate is reached. Finally remove the flame, 

* By using filter paper which has been carefully washed with hydrochloric and 
hydrofluoric acids, it is permissible to neglect the weight of the ash from the filter 
itself. With an unknown paper it is necessary to determine the weight of the ash 
by a separate experiment and then correct the weight of the precipitate obtained. 
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allow the crucible to cool somewhat, and while still warm, but not 
glowing, place it in a desiccator (Fig. 19). 

After cooling (at least three quarters of an hour for porcelain crucibles 
and 20 minutes for platinum ones) weigh the crucible and its contents. 

Many precipitates (silver chloride, lead sulfate, etc.) are partially 
reduced to metal by the above treatment. As these metals are diffi¬ 
cultly volatile, however, there will be no loss 
of the metal, only of the anion (chlorine in 
the case of silver chloride and SO 4 in the case 
of lead sulfate). This loss may be readily re¬ 
placed. Moisten the metal in the crucible 
with a few drops of nitric acid to dissolve it, 
add a few drops of hydrochloric acid (in the 
case of a silver chloride precipitate), or of 
sulfuric acid (in the case of lead sulfate), and 
after evaporating off the excess of the acid, 
weigh the crucible. The only danger in this Fig. 19 . 

method is that in burning the filter the ash is 

heated too hot, so that some of the reduced metal melts and alloys 
with the platinum wire. If, however, the filter paper is rolled up as 
was directed, there is always some paper free from precipitate between 
the precipitate and the platinum wire, yielding an ash which, although 
its weight is inappreciable, is still sufficient to protect the wire and 
prevent the reduced metal from coming in contact with it, provided it 
is not heated strongly enough to melt the metal. 

Many precipitates (K 2 PtCl 6 , etc.) are changed so much by this treat¬ 
ment that it would be impossible to obtain correct results. In such 
cases the filter cannot be burnt, but it is previously dried at a definite 
temperature and weighed; afterwards the precipitate and filter are 
again dried at the same temperature and weighed again. 

For drying precipitates an electric oven with automatic temperature 
control is most advantageous. The regulator can be set at the desired 
temperature which will be maintained indefinitely within a few degrees. 

(&) THE PRECIPITATE IS IGNITED WET 

Those precipitates which do not suffer any permanent change by 
the action of the products of combustion of the filter may be ignited wet. 
Allow the precipitSite to drain as much as possible, and while still moist 
place the filter and precipitate in a crucible, with the paper folded so that 
the precipitate is not exposed and so that the moisture will be expelled 
through a layer of paper and not directly into the air. Place the crucible 
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in an inclined position upon a triangle (Fig. 20),* with the cover inclined 
against the upper edge of the crucible and resting on the triangle. Di¬ 
rect the flame of the burner against the cover, which quickly dries the 
filter, then scorches it. Before it takes fire, move the flame to the back 
of the crucible and heat with a small flame until all the paper is con¬ 
sumed without taking fire, then slowly 
increase the temperature until finally 
the crucible is subjected to the whole 
heat of the burner, after which it can 
be heated over the blast lamp if neces¬ 
sary. 

Always in igniting precipitates care 
should be taken to raise the temperature 
slowly. The object in keeping the 
flame near the mouth of the crucible at 
the start is to make sure that the con¬ 
tents of the crucible are dried from the 
outside. If the flames were placed at 
the base of the crucible at the start, 
there would be more danger of loss by 
spattering. 

As soon as the contents of the cruci- 
Fiq, 20. ble are dry, the flame should be re¬ 

moved to the base of the crucible, and it 
is better to use a small flame near the crucible than to use a large flame 
with the crucible raised. Care should be taken not to let the paper take 
fire, except when the bulk of the precipitate has been removed from it 
and is ignited separately. When the paper burns rapidly in the cruci¬ 
ble there is danger of a slight mechanical loss due to the rapid escape 
of the products of combustion. 

Too rapid heating of a paper filter may cause two other errors. Often 
the temperature is raised rapidly enough to fuse a little salt around the 
ash of the paper and carbon inside such a fused coating is hard to burn 
because it is out of contact with the air. This is true, for example, 
of a silica precipitate, which is likely to retain a little adsorbed alkali 
salt. If the precipitate is heated rapidly a little carbon is likely to re¬ 
main even after long ignition over the blast lamp. 

Another serious error is sometimes caused by an undesirable reduction 

* In Fig. 20, the inner triangle is platinum wire, the outer triangle is heavy iron 
wire. Triangles of fused silica or of nickel-chromium alloy are suitable, but platinum 
alloys with iron, so that a hot crucible should never be placed in contact with iron 
wire. 
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taking place. If the filter paper is smoked off slowly at a low tempera¬ 
ture it is possible to heat magnesium ammonium phosphate in a plati¬ 
num crucible without damage to the crucible or to heat ferric hydroxide 
without getting any magnetite formed. 

In the case of the magnesium ammonium phosphate it is quite likely 
that the reduction may be caused by ammonia as well as by carbon. 
The same principle holds, however, for if the ammonia is expelled slowly 
at a low temperature there is less danger of a harmful reduction than 
when the precipitate is decomposed rapidly by strong heating. 

When the price of platinum was low, chemists were accustomed to 
use platinum vessels freely. Thus platinum evaporating dishes, plati¬ 
num crucibles, platinum filtering cones, platinum spatulas, and heavy 
platinum wire were used in nearly every chemical laboratory. Since 
platinum has become more expensive, the chemist is learning how to 
get along without much of it. Glassware and porcelain are now made 
of better quality and can be used in chemical work without much con¬ 
tamination. Alloys such as palau or even nichrome are being used more 
and more. Most ignitions can be made in a porcelain or quartz crucible 
as well as in platinum. More time is required to cool these crucibles 
after they have been heated but the chemist learns to do something else 
during that time and in the end gets more work done by using a number 
of porcelain crucibles than he used to do with a few platinum ones. 

Palau is the trade name of an alloy containing about 80 per cent of 
gold alloyed with palladium. It melts at 1370°, which is about 400° 
lower than the melting point of platinum. When heated to 1200° the 
loss in weight is less than that of platinum alloyed, as it is likely to be, 
with iridium. A crucible made of this material can be used satisfactorily 
in place of platinum except for fusions with potassium pyrosulfate. 

Rhotanium is a trade name for another series of palladium-gold alloys, 
some of which contain rhodium. These alloys and their advantages 
have been described by Fahrenwald.* 

Alundum f represents a refractory form of aluminum oxide. It does 
not fuse below 2050°. Crucibles can be obtained which are similar to 
porcelain crucibles, although they are not well glazed. Other alundum 
crucibles are made more porous so that they can be used for filtering 
purposes instead of a Gooch or Munroe crucible. Some of them 
make very rapid filters, but it is hard to dry them and errors due to 
adsorption are much more serious than with a platinum or porcelain 
Gooch crucible. 

♦ /. Tnd, Eng. Chem., 9, 590 (1917). 

t Saimders, Tram. Am. Electrochem. Soc., 19, 333 (1922). 
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The Properties and Care of Platinum 

Platinum melts at 1770® but does not soften much until this tempera¬ 
ture is nearly reached. It resists the action of all common acids except 
aqua regia and solutions containing chlorine. Long contact with acid 
ferric chloride solution is also injurious. It forms alloys with easily 
reducible metals and platinum crucibles are ruined when such alloys are 
formed. Long contact with hot carbon injures platinum, forming some 
carbide. For this reason a crucible should always be heated with an oxi¬ 
dizing flame; the flame should never show a luminous tip and the top of 
the inner cone should be below the bottom of the heated platinum vessel. 

Fusion with alkali hydroxides injures platinum but the metal will 
stand fusion with alkali carbonate. Compounds of phosphorus are 
likely to be reduced by hot carbon and the crucible is ruined when 
phosphide of platinum is formed. 

Iridium has been used to harden platinum but the alloy is less resistant 
to the action of reagents than pure platinum and the iridium is vola¬ 
tilized appreciably by heating over the blast lamp. p]ven good plati¬ 
num ware is likely to become frosted by strong ignition but the surface 
crystals which cause the frosty appearance should be fine and evenly 
distributed. A poor platinum alloy will often become covered with a 
whitish coating and with brown iron oxide stains. In buying platinum 
it is advisable to get hammered rather than spun ware, which is more 
likely to have surface cracks. It is well to specify that no distinct, un¬ 
even discoloration should result from heating, that treatment with acid 
should show no test for iron after heating 2 hours, that the loss on 
heating at 1100® should not exceed 0.2 mg per hour over a period of 4 
hours, and that 5 per cent of rhodium instead of iridium should be pres¬ 
ent as hardening agent. 

Handle platinum carefully and avoid bending. Use clean tongs for 
handling hot crucibles and do not let the tongs come in contact with 
melted flux. 

To clean, use chromic acid for removing organic matter, hydrochloric 
or nitric acid singly (never mixed) to remove insoluble carbonates or 
metal oxides. Fuse with sodium carbonate or borax to remove silica 
or silicates and with alkali pyrosulfate to remove metals or oxides that 
resist the action of acids. 

Never heat platinum with the inner cone of the Bunsen flame touching 
the vessel; this will cause brittleness. 

Do not heat compounds of lead, tin, bismuth, arsenic, antimony, or 
zinc in platinum. Do not ignite sulfides in platinum, and avoid heating 
phosphorus compounds except with great care. 
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Do not attempt to remove fusions with knives, files, glass rods, or 
other hard tools. Use rubber-tipped rods or solvents. 


Polish dull surfaces with sea sand or 
very fine Carborundum* powder. 

Triangles 

For use with platinum crucibles, 
platinum triangles are desirable. Fig¬ 
ures 21 and 22 represent two forms of 
these. The first is made of heavy 
platinum wire and is intended to rest 
on the ring of a lampstand. The 
second form is made so that it can be 
screwed on to the ring and thus kept 
in place. 




Fig. 21. 


Fig. 22. 



Fig. 23. Fig. 24. 

* ** Carborundumis the proprietary name of a special make of silicon carbide 
which is much used as an abrasive. 
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Figure 23 shows a clay triangle which can be used even for platinum 
crucibles, and Fig. 24 represents a less expensive nichrome triangle. 
This may be used with platinum if it is kept clean and no flux is spilled 
upon it, but there is some danger of staining the crucible with this kind 
of a triangle. 

Triangles of fused quartz are also useful. Figure 25 shows the correct 
and incorrect ways of placing a crucible on a triangle in an inclined po¬ 
sition. 




Burners 

Besides the ordinary Bunsen burners which are familiar to all, two 
other types deserve mention. The Tirrill burner is based upon the prin¬ 
ciple of the Bunsen burner but is an improvement in design. At the 
base of the burner the flow of gas is regulated by a screw which op¬ 
erates a needle valve, and the supply of air is regulated by screwing the 
tube of the burner up or down and thus allowing more air to enter 
through the holes at the base. 

The M4ker burner provides for a similar adjustment of gas and of 
air but the shape of the burner tube is different. The tube is narrow¬ 
est near the base and widens out at the top. As a result the delivery of 
the gas under pressure into the inverted cone causes a greater reduction 
of pressure within the tube and a greater inflow of air than in other 
burners which do not operate with a blast. There is a more perfect 
mixing of the gas with air and a greater combustion of gas within a 
given space. At the top of the burner tube is fitted a nickel grid and 
the gas bums in a great many small flames with the tip of each inner 
reducing cone about 1 mm above the top of the burner. The many 
small flames unite to give a very hot and highly concentrated flame 
which is oxidizing in character except below the tips of the tiny flame 
cones. A crucible placed just a little above these tiny flames is heated 
nearly as hot as by a blast lamp. 
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Distilled Water 

Various forms of stills are in common use. It is important that the 
vessel containing the boiling water should be so separated from the 
condenser that there is little danger of spray entering the latter. The 
boiler may be of any material, but the condensing worm and supply 
pipes should be of pure tin. 

Distillation does not free water from carbon dioxide, oxygen, nitro¬ 
gen, and ammonia, and supply tanks are likely to become slimy after a 
time. For water analysis and in any work involving the use of water 
free from nitrogenous compounds, it is necessary to distil the water 
a second time with permanganate in the boiler. The first and last run¬ 
nings arc then rejected. 

Transfer of Liquids 

In pouring out a reagent from a bottle never place the stopper on 
the work-bench. Pick up the stopper, hold it between the first two 
fingers of the right hand with the palm up, grasp the bottle with the 
same hand and the palm over the label, and pour from the bottle with 
the label up so that there is no danger of any liquid falling upon the 
label. It is advisable to cover printed labels with thin coatings of gum 
sandarac dissolved in alcohol. In pouring liquids it is always advisable 
to pour against a glass rod so that none of the liquid is spilt. In re¬ 
moving the rod do not move it upward and scrape off a little liquid 
thereby. It is well to give the rod a slight downward motion on taking 
it away. 

Reagents and Glassware 

One of the greatest sources of trouble for the analytical chemist is 
the presence of impurities in reagents and the action of solutions upon 
glassware. It is desirable to use the purest possible reagents, but the 
chemist should always take care to test them. Even if the reagents are 
perfectly pure, they often become contaminated by solutions remaining 
in glass bottles. In every analysis, therefore, errors are likely to arise 
from impurities that were in the reagents or from glassware that has 
been somewhat dissolved. Solutions of strong acids and bases when 
kept for some time in bottles will always give a slight test for silica 
if sufficient reagent is taken for the test. 

Today it is possible to buy glassware which is much less acted upon 
by reagents than that formerly used. Such glass is essentially a boro- 
silicate of sodium, zinc, and aluminum.* 

* In Bur. Stand. Tech. Paper^ 107 (1908), the result of some tests on glassware 
are giv^. Since then several other good glasses have been developed. 
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It is well sometimes to run through blank analyses to see if any weigh- 
able precipitates are obtained when the reagents alone are used in an 
analysis. Such analyses are often misleading because the precipitates 
are so small that they may be overlooked or they may be so fine that they 
need some other precipitate to adsorb them and prevent their passage 
through the filter. 

The Evaporation of Liquids 

Liquids are usually evaporated upon the water-bath. In order to 
prevent anything from falling into the evaporating-dish it is well to cover 

it with an evaporation-funnel, as shown in 
Fig. 26. 

The funnel is suspended above the dish by 
means of a porcelain fork fastened to the 
iron rod (covered with hard rubber) which 
is attached to the water-bath. 

If the laboratory is provided with a glass- 
covered hood with a good draft the use of 
the funnel is unnecessary. 

Preparation of the Substance for 
Analysis 

It is very difficult to give general rules for 
the preparation of substances for analysis, 
for it is necessary to proceed differently in 
different cases. If it is desired to determine 
the atomic composition of a substance, it is 
necessary to choose pure material for the 
analysis. Although this sounds so simple it 
is often one of the most difficult conditions 
to fulfill. Many substances are hygroscopic 
and absorb moisture from the air, which can 
be removed by heating the substance or by simply allowing it to stand 
in a desiccator over calcium chloride, provided the substance itself un¬ 
dergoes no change by this treatment. Many substances containing 
water of crystallization cannot even be dried in a desiccator, but must 
be analyzed air-dry. In all cases it is necessary to determine whether 
the substance to be analyzed possesses a constant weight. 

Many commercial salts are prepared pure and can be analyzed di¬ 
rectly; in most cases, however, they have stood for some time in the 
air and have been handled somewhat, so that they are not so pure as 
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when freshly prepared. Consequently, if it is desired to test the accu¬ 
racy of an analytical process, the purity of a commercial sample should 
never be taken for granted. If the substance is soluble in water it can 
be purified by recrystallization. 

Dissolve 10 or 15 g of the commercial salt in the least possible amount 
of hot water (it is best to use not quite enough water to dissolve the 
substance completely)^ and pour the hot solution through a plaited filter 
contained in a funnel with the stem broken off (Fig. 27). This serves 
to remove all dust or other insoluble impurity. Catch the filtrate in 
an evaporating-dish and cool it rapidly, while stirring constantly, by 
placing the dish in a larger one containing cold water. 

By means of the rapid cooling and constant stirring, the salt is ob¬ 
tained in the form of a crystalline powder.* Filter off the crystals and 



drain them by suction. A perforated porcelain plate covered with 
filter paper may be used in the funnel, or an ordinary filter may be 
used placed in a perforated filter cone or in a small hardened paper, 
to prevent tearing the paper by suction. Test the purity of the sub¬ 
stance qualitatively by means of some suitable reaction. If it is still 
not quite pure, repeat the same process of recrystallization until the 
presence of no impurity can be detected. 

Place the pure, moist crystals upon a layer of several thicknesses of 
clean filter paper, cover with another sheet of filter paper, and allow the 
crystals to stand for 12 hours at the ordinary temperature. Then 
weigh out 1 or 2 g of the substance upon a tared watch glass, place it 
upon a dry glass plate, cover loosely with another watch glass, and allow 

* Large crystals would be obtained by allowing the solution to cool slowly, but 
they are undesirable, as they usually contain more enclosed mother-liquor than do 
the smaller crystals. Most water-soluble salts are much more soluble in hot water 
than in cold water. 
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it to stand for several hours more. If the substance shows no change in 
weight it is ready for analysis. Otherwise it must be dried in the air 
until it no longer shows a change in weight. It is permissible to dry 
in a desiccator only those substances which will not lose water of crystal¬ 
lization. Deliquescent substances, of course, should not be allowed to 
remain exposed to the air for very long. Such substances must be 
quickly dried upon a porous plate and transferred as soon as possible to 
a flask provided with a closely fitting, ground-glass stopper. 

For technical anahjses, the purpose being to determine the cost or 
selling price of an article or to control its manufacture, the substance 
must be analyzed as it is. The sample should represent as far as possible 
the average composition of the product. 

The selection and preparation of representative samples for analysis 
are matters of so great importance that they have been discussed in 
more than 1200 papers* written since 1892. The quantity of material 
from which the sample for analysis should be taken varies with the 
nature of the material. If it is homogeneous it is merely a matter of 
grinding a portion until it is of suitable fineness. 

The Influence of Fine Grinding on Composition 

The rate at which a substance dissolves increases as the amount of 
surface exposed to the solvent is increased, and for this reason solid 
substances always dissolve more quickly when reduced to a fine powder. 
Moreover, when a material undergoes chemical attack, an insoluble sub¬ 
stance is often formed and, during the process of solution, the insoluble 
substance may form a protective coating over particles of material that 
have not been acted upon. This danger is diminished if the material 
is in the form of a fine powder. For these reasons the chemist usually 
prefers to grind a solid substance to an impalpable condition before 
attempting to analyze it. 

This practice, though desirable in most cases and absolutely necessary 
in others, is accompanied by certain disadvantages. If the material 
is hard there is always some contamination from the material of which 
the grinding apparatus is constructed. Thus when the sample is ground 
in a steel mortar or in a steel ball-mill, it will be contaminated with a 
little iron, and if ground in an agate mortar with a little silica, f Again, 

* Cf. W. J. Sharwood and M. M. Bernewitz, Bibliography of the Literature on 
Sampling^ Bureau of Mines Publication. Serial No. 2336. 

t Hempel {Z. angew. Chem.j 1901, 843) found that an agate mortar and pestle 
lost 0.052 g in grinding 10 g of glass to a fine powder. E. T. Allen found a loss of 
0.146 g of agate in grinding 200 g of quartz. 



SAMPLING A SHIPMENT 


171 


if the sample readily undergoes slight decomposition, such a chemical 
change is likely to take place during the operation of grinding. In 
this way the determination of moisture, of ferrous iron, and of sulfur 
may be influenced very appreciably. 

A number of investigators have pointed out the effect of grinding 
upon the moisture content of a sample. If the sample is practically 
dry, it is likely to absorb considerable moisture when dried in the air. 
Thus Hillebrand* found that a piece of unglazed porcelain contained 
no moisture originally, but showed 0.62 per cent of water when ground. 
If the substance is very hygroscopic, this danger becomes greater. On 
the other hand, grinding often causes loss of moisture. This is notably 
true of substances containing water of crystallization or superficial 
moisture. Thus grinding can easily reduce the moisture content of a 
sample of gypsum from 20 to 5 per cent, and a sample of coal may show 
several per cent of moisture when large lumps of it are tested and very 
little moisture after it is reduced to a fine powder. 

The heat produced by grinding may not only serve to expel mois¬ 
ture from the sample, but it may even cause chemical change. Thus 
Mauzeliusf has shown, and the experiment has been repeated by HUle- 
brand,t that the ferrous iron content of a rock becomes smaller on 
account of grinding it to a fine powder. It has also been found that some 
sulfur may be lost by long grinding of a sample of pyrite. 

The effect of grinding, therefore, accounts for many divergent results 
obtained by different chemists who have analyzed the same original 
material. 

Sampling a Shipment. — To prepare a representative sample from a 
large mass of material, such as a shipment of ore or of coal, special 
precautions are necessary. It is never safe to take samples from the 
top of a large pile of material, but portions should be selected from all 
parts. The easiest way to do this is in the loading or unloading of the 
shipment, taking out portions at regular intervals either by a shovel, 
trowel, or mechanical sampler. In sampling coal, the United States 
government** takes, as a rule, 1000 pounds from each shipment of 500 
tons or less. The size to which ore must be crushed for sampling de¬ 
pends on (l)tt the weight of material given to the chemist from the ship¬ 
ment, (2) the relative ratio of the richest mineral value and the average 

* The Analysis of Silicate and Carbonate Rocks j Bull. 700, U. S. Geol. Survey. 

t Sveriges Geol. Undersokning, Arsbok 1 (1907). 

t Am. Chem. Soc., 30, 1120 (1908). 

** G. S. Pope, Methods of Sampling Delivered Coal^ Bur. of Mines, Bull. 116. 

tt D. W. Brunton, ‘‘The Theory and Practice of Ore Sampling,” Trans. Am. Inst. 
Min. Eng., 36, 827 (1895). 
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value of the ore, (3) the density of the richest material, and (4) the num¬ 
ber of particles of the richest mineral. The more spotty the ore 
the larger must be the original weight selected. The results of Brun- 
ton’s work show that it is necessary to crush the sample before cutting 
it down and advisable after each cutting ’’ to crush it still finer. 

Crushing the Sample. — After enough material has been taken from 
a shipment to guarantee a representative sample, the next operation 
is to crush it so that the largest particle is not larger than a certain 
definite size. Thus with a sample of coal weighing 1000 pounds, it is 
all broken up so that the diameter of the largest piece is not over one 
inch. This may be done by a mechanical grinder* or by hand with an 
iron tamping bar or sledge. In mineral analysis, where smaller samples 
are usually taken, samples are often broken up by pounding on a hard¬ 
ened steel surface with a hardened hammer of the best tool steel.f 

Mixing and Coning. — To mix the sample, it is customary to shovel 
it into a conical pile. Each shovelful should fall upon the apex of the 
cone, the material should be thrown so that the cone is not pushed 
away from its original position, and the shoveler should walk around the 
cone as he shovels. This serves to bring the finer material near the 
center of the pile, and the coarser pieces run down the sides. Of the 
first cone usually one half is rejected. This can be done by shoveling 
away the cone from the bottom, while walking around the cone, and 
rejecting every other shovelful. Or the cone may be flattened and 
quartered. 

Quartering. — The top of the cone is flattened out and divided into 
quarters. Opposite quarters are taken for the next crushing. 

The mixing, coning, quartering, and crushing should continue until 
finally a sample of 100-200 g is obtained. When the samples are small 
enough, the mixing is best done on a sheet of glazed paper, rubber, or 
oilcloth. A corner of the sheet is lifted and drawn across, low down, 
in such a way that the material is made to roll over and over and does 
not merely slide along. The sample should be rolled back and forth 
along each diagonal for 100 times or more. Then the sample may 
be spread out into squares and a little taken from each square. In 
weighing out an ore it is always well to mix it by rolling back and 
forth unless it is extremely fine, when it is not likely to segregate on 

* W. F. Hillebrand, The Analysis of Silicate and Carbonate Rocks, U. S. Geol. 
Survey, Bull. 700. 

t Mechanical grinders should be made of specially hardened steel and should be 
built so that they can be kept clean easily. For laboratory grinding, a modified 
McKenna ore grinder has been recommended by Hillebrand. (BuU. 700, U. S. 
Geol Survey.) 
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standing. Segregation takes place when particles are of different sizes 
and densities. 

If in the sifting of an ore, metallic particles are left on the screen, it 
is necessary to analyze these particles separately and make a proper 
allowance in the final calculation. It is necessary then to know the 
weight of the entire sample and the weight of metal that does not pass 
through the screen. 

In sifting samples, wire screens are commonly used, but inasmuch as 
a little metal is introduced into the sample, it is better to use silk bolt¬ 
ing-cloth. 

The cutting, or dividing, at the several stages of the sampling process 
is best done by mechanical means. Some machines, of the riffle type, 
constantly deflect a part of the material that passes through them. 
Others, which for some purposes are more desirable, change the direction 
of the fall of the ore at regular intervals. Buckets are constructed so 
that, as ore is poured into them, half of it is retained and half rejected. 
Split shovels, consisting of a series of parallel troughs with equally 
wide spaces between them, are made of various sizes. The ore retained 
by the shovel, or that which passes through, may be taken for the 
sample. In using such shovels, of which the smallest size is useful for 
weighing out samples that are not perfectly homogeneous, allow a thin 
stream of ore to fall back and forth over the riffle. The distance be¬ 
tween riffles should be at least three times the diameter of the largest 
particles of ore. 

In sampling metals and alloys it is necessary to remember that they 
are seldom homogeneous. During solidification the part that solidifies 
last is usually different from that which first separates on cooling. As 
a rule, the outside of an ingot solidifies first and some of the impuri¬ 
ties are likely to be concentrated or segregated in the interior. In the 
case of a steel rail, microscopic examination often shows that the head, 
the foot, and the web are not exactly the same. The sample used for 
analysis should consist of borings taken from all over the rail, or, better 
still, it should be obtained by planing over the entire cross-section. 
A macroscopic* survey of the entire cross-section after it has been 
treated with a suitable etching agent, such as an 8 per cent solution of 
cupric ammonium chloride or a 6 per cent solution of iodine in alcohol 
for steel specimens, will often show where segregation has taken place. 
When metals break under strain, the crack usually starts at some place 
where the material is defective, usually owing to a little enclosed slag. 
The analysis of the entire material will often fail to indicate a defective 

* Magnifications of less than 10 diameters are often classed as macroscopic, 
although strictly speaking, they are not included in an exact definition of the term. 
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material, and the cause of the fracture can be shown only as a result of 
metallographic examination of polished specimens under the microscope 
and the chemical analysis of portions where segregation has been re¬ 
vealed by the microscope.* 


Home Problems 


74. If 0.00011 g of AgBr dissolves in 1 1 of pure water at 18®, compute the solu¬ 
bility product of AgBr at this temperature. If 6 X 10 g of silver arsenate dissolves 
in 800 mi of water, what is the solubility product of this salt? 

75. If the solubility product of Pb 3 (P 04)‘2 is 1.5 X lO"^**^, how many milligrams of 
the salt will dissolve in 1500 ml of water? 

76. From the solubility product of CdS (8.6 X 10““®) and the facts that the 
primary ionization constant for ILS is 0.91 X 10“^, the secondary ionization constant 
is 1.2 X 10“^^ and the saturated solution is approximately 0.1 molal in ILS at 20®, 
compute the weight of cadmium as CdS (a) dissolved by 1 1 of pure water, (6) by 
11 of saturated ILS solution, and (c) by 1 1 of 0.3 N HCl (completely ionized) which 
is kept saturated with H 2 S. 

Hints: (a) Assume the dissolved CdS to be completely ionized, (b) From the low 
value of the secondary ionization constant it can be assumed that [II'*') is practically 
equal to [HS~], although really [H'*’] is increased by a little [H^J from water and 
[HS”] is diminished by forming a trace of (S”]. With this assumption that (II+J = 
[HS], the secondary ionization equation shows the value of [S'”], (c) From the 

expression 


X [S-] 
[H2S1 


ki • k2 


it is easy to find the value of (S“] when |H+] is known. The solubility product of 
CdS divided by the [S] gives the value of [Cd’^'^J. 

77. At 25° C the ionization constant ki • k^ of PLS into H ions and S ions is 1.1 X 
10“"**. Calculate the concentration of sulfide ions in a solution which is 0.1 M in 
HaS and 0.15 N in HCl. 

78. If the solubility product of ZnS is 1.2 X lO”^® and a solution contains 0.2726 g 
of ZnCb and 10 ml of 6 AT HCaHsOa in 500 ml of solution, compute: (o) how much 
NaCaHaOa-S H 2 O must be added to change the hydrochloric acid formed by precipita¬ 
tion of ZnS to acetic acid; (6) how much more NaCaHaOa-S H 2 O is required to 
repress the ionization of this acetic acid so that only 1 mg of Zn will remain in solution 
after treatment with H 2 S; (c) the pn value of the solution after the ZnS precipita¬ 
tion has been accomplished by saturation with H 2 S. 

79. If acetic acid is 1.4 per cent ionized in 0.1 V solution, compute the ionization 
constant and the H-ion concentration in a 500-ml solution containing 6 g of Na 2 C 2 - 
H802-3 H 2 O and 10 ml of 6 iV acetic acid. What is the pn value of the solution? 

80. If the solubility product of ZnS is 1.2 X lO'^^ and of MnS is 1.4 X lO”** and 
500 ml of solution contain 0.0350 g of Zn and 0.695 g of Mn ions together with 6.0 
g of NaC2H802 and 60 milli-equivalents of acetic acid, predict whether all the Zn 
and all the Mn will be precipitated when the solution is saturated with H 2 S. 
Ionization constant of acetic acid is 1.8 X 10”*; solubility product of H 2 S, 1.08 
X 10”*». 


Of. Hall and Williams, Chemical and Metallographic Examinaiion of Irony Steel 
and Brass, 



CHAPTER XI 


DETERMINATIONS OF CHLORINE, IRON AND SULFUR 
IN SIMPLE SALTS 

Determination of Chlorine in a Chloride 

Place 1 g or more of the sample in a small, glass-stoppered weighing- 
tube, weigh carefully to the nearest 0.1 mg, hold the tube over a clean 
300-ml beaker, remove the stopper, and allow 0.2-0.3 g of the chloride 
to fall into the beaker. Replace the stopper and weigh again. The 
second weight will serve for the first weight of the second sample. 
All the analyses should be carried out in duplicate. Record the weigh¬ 
ings in the notebook as shown on p. 178. 

Dissolve the sample in 150 ml of water without heating and add 8-10 
drops of 6 nitric acid. Calculate the volume of 0.1 N silver nitrate 
reagent required to precipitate the chloride on the assumption that the 
sample is pure sodium chloride; and add slowly, while stirring, 5 ml in 
excess of the calculated volume. Heat slowly, nearly to boiling, until- 
the precipitate coagulates and the supernatant solution is clear, or allow 
to stand several hours in the dark. Test to see whether enough reagent 
was added, by pouring 5 ml more of silver nitrate without stirring. 
Keep the beaker from direct sunlight as much as possible, although the 
error resulting from exposure to light is slight.* 

Filter through a weighed Gooch crucible and wash, first with water 
containing a little nitric acid until the test for silver with hydrochloric 
acid can no longer be obtained, and then twice with alcohol or water to 
remove the nitric acid. Dry the precipitate at 105-110° till a constant 
weight is obtained. If it is not desired to use a Gooch crucible for this 
determination, filter off the silver chloride upon an ordinary washed 
filter, wash as before, and dry at 100°. Transfer as much of the pre¬ 
cipitate as possible to a weighed porcelain crucible, burn the filter 
(as described on p. 159), and add the ash of the filter to the main por- 


* By exposure to light the silver is reduced photochemically. If the solution 
contains an excess of chloride ions the error thus resulting is positive because chloride 
is set free by the reduction of the silver chloride and combines with more silver ions. 
If the silver ions are not in excess, the error is a negative one because the precipitate 
will weigh less when reduced. G. E. F. Lundell has shown that the errors are in¬ 
appreciable in normal work where there is no great exposure to light. 

176 
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tion of the precipitate. Moisten with a little nitric acid and a drop or 
two of concentrated hydrochloric acid, dry on the water-bath, and heat 
over a free flame until the silver chloride begins to melt. Weigh after 
cooling in a desiccator. Report the percentage of chlorine present. 

Remark. — Instead of drying the Gooch crucible and its contents in the oven heated 
to 105“110° it is a little quicker and nearly as accurate to dry by washing with alco¬ 
hol and ether. After having removed all the soluble salts by washing with hot water, 
wash the contents of the crucible with four 5-ml portions of alcohol and then four 
times with 5-ml portions of ether. After this draw air through the crucible for 5 
minutes, wipe the outside of the crucible dry, allow it to remain 15 minutes in a 
desiccator over calcium chloride, and weigh promptly. Before using the crucible 
for filtering, dry it by the same treatment with alcohol and ether and standing in the 
desiccator. This method of handling precipitates has proved very popular. 


Solubility of Silver Chloride. — One liter of water dissolves 0.00154 g 
AgCl at 20° and 0.0217 g at 100°. In water containing a little hydro¬ 
chloric acid, the AgCl is less soluble than in pure water, but as the quan¬ 
tity of hydrochloric acid is increased, the solubility of AgCl rises rapidly. 
Thus 1 1 of 1 per cent HCl dissolves only 0.0002 g AgCl at 21°, but 
1 1 of 5 per cent HCl dissolves 0.0003 g and 1 1 of 10 per cent HCl dis¬ 
solves 0.0555 g AgCl. By melting the silver chloride there is always 
loss by volatilization. 


Computation. — The fraction, usually expressed as a decimal, which represents 
the amount of an element A in one of its compounds is commonly called the chemical 
factor: It represents the weight of A in one part by weight of the compound, inde¬ 
pendent of what unit of weight is used. 

Thus, to be specific, 1 g of silver chloride contains 0.7526 g of silver; 1 lb of silver 
chloride contains 0.7526 lb of silver. If p grams of silver chloride are obtained from 
6* grams of original substance, then 0.7526 p is the weight of silver in the sample taken 


and 


0.7526 p X 100 


= per cent of silver in the substance analyzed. The general 


rule for computing a direct gravimetric analysis is as follows: Multiply the weight 
of the precipitate by 100 times the chemical factor and divide by the weight of the 
original substance. Using the notation as above: 


p X chem. factor X 100 

s 


— desired percentage 


A table of chemical factors is given at the back of the book. The use of the table 
may be illustrated by an example: 

^om 0.5 g of arsenic ore, 0.4761 g of Mg 2 As 207 was obtained. What is the 
per cent of arsenic in the ore? 

In the table, we seek As under the heading ‘^Sought" and Mg 2 As 207 under the 
heading Found,and we find on the same line that the chemical factor is 0.4827. 
Finally, in the fourth column we find that the logarithm of this number multiplied 
by 100 is 1.6837. The computation is as follows: 
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log factor X 100 1.6837 

log 0.4761 9.6777 - 10 

colog 0.5 0.3010 


1.6624 log of 45.96 


The ore contains 45.96 per cent of arsenic. 

If the weight of ore had been 0.4827 g (a so-called factor weight) the percentage of 
arsenic would have been found by multiplying the weight of precipitate by 100. 

This table of factors is convenient, but every chemist should know how to com¬ 
pute any factor. As this often causes trouble for beginners, the method of com¬ 
puting the factors will be discussed. 

Computing the Factor. — The s 3 naQbol AgCl shows that 1 atomic weight of silver, 
107.88, is present in 1 molecular weight of silver chloride, 143.34. This ratio of 
weights is independent of the unit of w’eight used and is just as true of tons, pounds, 
ounces, or grains as it is of grams. Using the conception of the gram-molecular 
weight, the formula shows that 107.88 g of silver are present in 143.34 g of silver 
chloride. If 143.34 g of silver chloride contain 107.88 g of silver, 1 g of silver chloride 
107 88 

will contain = 0.7526 g silver. In other words, the chemical factor for 

143.34 


silver in silver chloride is found by dividing the atomic weight of silver by the mo¬ 
lecular weight of silver chloride. Using symbols, the chemical factor in this case is 
Ag 

It represents the ratio of what is sought to what has been found. 

In the arsenic analysis referred to above, the symbol for magnesium pyroarsenate, 
Mg 2 As 207 , shows that 2 atoms of arsenic are present in the mole(*ule. The chemical 


factor is 


2 As 


11 ?™ = 0 4827 

310.6 


MgaAsaO? 

As a still more complicated case, assume that a sample of magnetite is analyzed 
in such a way that all the iron is converted into Fe 203 and it is desired to know the 
weight of Fe304 originally present. The chemical factor for converting a weight 


of Fe 20 s into the equivalent weight of Fe 304 is 


2Fe304 463.1 


= 0.9666. 


3Fe203 479.1 

The concept of the chemical factor may be applied to any chemical equation as 
well as to any precipitate. The following equation represents the reaction between 
ferrous ions and dichromate ions: 


6 Fe++ + Cr 207 ““ + 14 H+ 6 Fe+++ -f 2 Cr+++ + 7 H 2 O 


On the basis of this equation we can compute the weight of ferrous ammonium 
sulfate which will react with a given weight of potassium dichromate. The chemical 
factor is 


6 [FeS04 (NH4)2S04-6 H 2 Q] ^ 6 X 392.1 
K2Cr207 294.2 


= 7,998 


If the weight of dichromate is multiplied by this factor the product will be the equiva¬ 
lent of ferrous ammonium sulfate. 

Record the results obtained in the above analysis in the notebook as follows: 
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Date . 

Determination of Chlorine in Chloride, Sample No. 



No. 1 

No. 2 

Weight sample and tube. 

16.1721 

15.9976 

15.9976 

15.7117 

Weight sample.1 

.1745 

.2859 

Weight crucible + precipitate. 

14.4496 

15.6915 

Constant weights. 

14 4487 

15.6915 

14.4485 


Weight crucible. 

14.2216 

15 3196 

Constant weight. 

14.2216 

15.3194 

Weight AgCl. 

.2269 

.3721 

Log weight AgCl . 

9.355R-10 

9.5706-10 

Log factor X 100. 

Colog sample. 

1.3934 

1.3934 

0.7583 

0.5438 


1.5079 

1.5078 

Cl in sample No. 

32 18% 

32.19% 

Average. 

32.20 


Determination of Iron and Sulfur in Ferrous Ammonium Sulfate 

The determination of iron is one of the best known of all the gravimetric methods 
of analysis and for many years it has been the custom to require most students of 
analytical chemistry in the colleges of the United States to carry out an analysis 
of ferrous sulfate or of ferrous ammonium sulfate. In a sulfate solution, some basic 
ferric sulfate is often formed if the precipitation of ferric hydroxide is accomplished 
by merely neutralizing with ammonia. It is the general practice, therefore, to dis¬ 
solve the first precipitate in acid and repeat the precipitation with ammonia. 

It has been shown, however, that the formation of basic sulfate can be prevented 
if a considerable excess of ammonium hydroxide is used. 

Procedure. — Weigh out, to the nearest milligram, duplicate portions 
of about 1 g into 400-ml beakers. Moisten the sample with 5 ml of 
6 N hydrochloric acid, dilute with 5 ml of water, and heat, if necessary, 
to dissolve the sample. Heat nearly to boiling, and to the hot solution 
add concentrated nitric acid, drop by drop, until all the iron is oxidized 
to the ferric condition. When the iron is partially oxidized, the nitric 
oxide combines with the excess of ferrous salt, forming a dark browUi 
unstable compound. Continue adding the nitric acid until the dark 
color fades and a clear yellow solution is obtained. Not more than 

2 ml of nitric acid should be necessary.* Boil gently for about 3 min- 
- ^ V 

* Bromine or hydrogen peroxide can be used instead of nitric If ifL black 

iron precipitate is obtained later, owing to incomplete oxidatioh, add 10 ml «rf 3 per 
cent hydrogen peroxide and heat till the precipitate is reddish 
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utes to remove the reduced nitrous compounds. Dilute to about 200 ml 
and neutralize with ammonium hydroxide, finally adding 5~7 ml of 
concentrated ammonium hydroxide in excess. Heat carefully to about 
70° and allow the precipitate to settle. Filter through a filter that has 
an ash of less than 0.1 mg, wash the precipitate twice by decantation 
with 50-ml portions of hot water, and finally with hot water from the 
wash bottle until free from chloride. Ignite slowly and carefully in an 
open porcelain or platinum crucible and weigh as Fe 203 . Report the 
percentage of iron present in the sample. 

Remarks. — It is not advisable to heat the precipitate over the blast because 
Fe 304 is formed at high temperatures. This magnetic oxide is also formed if the 
carbon of the filter is not consumed at a low temperature. When once formed it is 
very difficult to get it back to the less stable Fc'^Os. The color of the ignited oxide 
does not indicate the presence of magnetite, for pure ferric oxide is nearly black after 
strong ignition. The ignited oxide is difficultly soluble in dilute hydrochloric acid 
but can be dissolved by long digestion with concentrated hydrochloric acid on the 
water-bath. 

To test for chloride, take a little of the filtrate as it comes from the 
funnel in a small test-tube or in a 10-ml graduated cylinder, make acid 
with nitric acid, and add a little silver nitrate solution. There should be 
no sign of turbidity. If there is any turbidity, reject the test and con¬ 
tinue washing the precipitate, making sure that the upper edge of the 
paper is washed each time but taking care not to wash any precipitate 
so that it gets above the upper edge of the filter. 

Several errors may be made: (1) the test may be made too soon, in 
which case desired material may be lost from the filtrate used in making 
the test. (2) The test may be obtained from a little chloride solution 
on the outside of the funnel which has been allowed to dip into the 
solution. (3) The test may be obtained because the wash water or the 
nitric acid contains a little chloride, probably because a careless student 
lias mixed the stoppers of the acid bottles or the laboratory assistant 
may have been careless in filling the bottles. To guard against 
error test the water and the acid with silver nitrate, throwing awaj* 
the acid if it is found to contain chloride. (4) The test will not be ob¬ 
tained unless the solution is made acid with nitric acid, because silver 
chloride is soluble in ammonia solution. 

* the chloride is not removed by careful washing, the ammonium 
ide will react with the ferric hydroxide upon heating and ferric 
ide will be formed which is volatile at the ignition temperature. 
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Determination of Sulfate 

Take the filtrate from the iron determination,* neutralize with hydro¬ 
chloric acid and add 4 ml of 6 N acid in excess. Heat to boiling, and 
add to the hot solution, while stirring, 135 ml of boiling-hot, tenth- 
normal barium chloride solution. Allow the solution to stand half an 
hour, best in a warm place, and test, to see if the precipitation was com¬ 
plete, by adding a little more reagent. Filter, wash free from chloride 
with hot water, ignite, and weigh as BaS 04 . If a Gooch crucible is used, 
dry it first at 110° and later heat the crucible in an air-bath to about 
300°. Dry and heat the precipitate in the same way. A suitable air- 
bath can be made with a piece of thin sheet iron made into a cone with 
about 2.5-inch base. Place a triangle on top of the inverted cone to 
hold the crucible, and heat with a burner under the apex of the cone. 

Report the percentage of sulfur in the sample. 

The results obtained by drying with alcohol and ether, as described 
on p. 176, are often good. 

Errors which may Occur in the Precipitation of Barium Sulfate 

/. In the Precipitation of Barium Chloride with Pure Sulfuric Acid 

If a dilute, slightly acid solution of barium chloride is treated at the 
boiling temperature with an excess of dilute sulfuric acid, the precipi¬ 
tate contains all the barium except a very small, negligible amount. 
If, however, the precipitate is weighed, the result is invariably too low; 
and this is true even when the solution is evaporated to dryness in order 
to recover the last traces of barium. The precipitate always contains 
barium chloride in a form which cannot be removed by washing. A 
mixture, therefore, of barium sulfate and barium chloride is weighed, 
and as the molecular weight of the chloride is less than that of the sulfate, 
the result must be too low. To obtain accurate results, the chlorine 
combined with barium in the precipitate must be replaced by SO 4 ; 
and this can be accomplished by moistening the precipitate with con¬ 
centrated sulfuric acid, and heating until the excess of the acid is re¬ 
moved by volatilization. 

Not only is barium chloride carried down with barium sulfate, but 
aU barium salts as well, especially the chlorate and nitrate. These 
are, however, readily changed to sulfate by the above treatment with 
concentrated sulfuric acid. It is immaterial in the estimation of barium 

* If the filtrate is lost, or the analysis is to be repeated, dissolve a fresh sample 
of 1 g in 2 ml of 6 A hydrochloric acid and 400 ml of water. Proceed as above 
described without oxidizing or removing the iron, but add the barium chloride more 
slowly. 
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how the precipitation is effected; whether the sulfuric acid is added 
quickly, or drop by drop, the results are always the same. 

II. In the Precipitation of Pure Sulfuric Acid with Barium Chloride 

This is the reverse process, but here it is not a matter of indifference 
whether the barium chloride is added slowly, drop by drop, or rapidly 
all at one time. In the first instance, the results are very near the truth 
without applying any correction; in the second, too high results are 
obtained, because by the rapid addition of the reagent more barium 
chloride is carried down with the precipitate than when the reagent is 
added very slowly. 

To obtain the true weight of barium sulfate, it is often necessary to 
make a deduction for the amount of barium chloride contained in the 
precipitate and to add the weight of barium sulfate remaining in 
solution. 

The chlorine contained in the precipitate can be determined in several 
different ways. 

1. Fuse the precipitate with 4 times as much pure sodium carbon¬ 
ate, extract the melt with hot water, filter, make the filtrate acid with 
nitric acid, and precipitate the chlorine with silver nitrate. Filter and 
weigh. 

2 . Still more accurate is the process of Hulett and Duschak.* Place 
the ignited precipitate of barium sulfate in a U-tube of which one arm is 
drawn out into a thin, right-angled, gas delivery tube. Add concen¬ 
trated sulfuric acid to the precipitate and heat the mixture by placing 
the U-tube in hot water. The barium sulfate dissolves readily in the 
hot, concentrated sulfuric acid, and the barium chloride present is de¬ 
composed. To determine the amount of hydrochloric acid set free, 
pass a slow stream of air, which has been washed with caustic potash 
solution, through the tube, with the drawn-out end of the latter dipping 
into a stout test-tube containing 0.01 N silver nitrate solution. After 
2 -2.5 hours all the hydrochloric acid will have been expelled from the 
sulfuric acid. 

Remove the decomposition apparatus, rinse out the gas delivery 
tube with a little water, and determine the silver remaining in solution 
volumetrically (cf. Volhard Method). 

For the determination of the dissolved barium sulfate, evaporate to 
dryness the filtrate from the first precipitation, moisten the residue 
with a few drops of concentrated hydrochloric acid, take up with water, 
filter off the slight precipitate of barium sulfate, and weigh. During 


Z. anorg. Chem., 40, 196 (1904). 
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all such work take care to prevent sulfuric acid contamination from 
the air in the laboratory. The evaporation should, therefore, take 
place on the steam-bath or steam-table. 

Calculation of the True Weight of Barium Sulfate. — If the weight of 
the first precipitate of crude barium sulfate is a, the weight of the barium 
chloride contained in this precipitate, as determined by titration of the 
amount of chlorine, is 6, and the amount of barium sulfate in solution 
is c, then a — b + c represents the weight of pure barium sulfate. 

Experience has shown, however, that when pure sulfuric acid is pre¬ 
cipitated by means of dilute barium chloride solution added drop by 
drop, the errors b and c are approximately equal and counterbalance 
each other so that the weight a is very close to that of the pure barium 
sulfate. 

HI. In the Precipitation of Sulfates with Barium Chloride 

Here the relations are far more complicated than in the precipita¬ 
tion of pure sulfuric acid, partly because the barium sulfate is more 
soluble in salt solutions than in water containing a little acid, and partly 
because of the tendency of barium sulfate to occlude not only barium 
chloride but many other salts as well. Solutions of chromium sulfate 
are either violet or green. From the boiling-hot green solution only one- 
third of the sulfuric acid is precipitated, the remainder probably being 
present in the form of a complex chromium sulfate cation;* on cooling, 
the green solution gradually becomes violet, and after some time all 
the sulfuric acid is precipitated. The precipitation of barium sul¬ 
fate in the presence of ferric iron has been much studied. In the boil¬ 
ing-hot solution, not all the sulfuric acid is precipitated and consider¬ 
able iron is thrown down with the barium sulfate, and furthermore, the 
precipitate then loses SO3 on ignition. Since ferric oxide weighs less 
than an equivalent weight of barium sulfate sometimes the results are 
as much as 10 per cent too low. On the other hand, Kiister, and Thiel f 
were able to get satisfactory results (1) by precipitating the sulfuric 
acid from such a solution in the cold, (2) by slowly adding the ferric 
chloride and sulfuric acid solution to the hot solution of barium chloride, 
or (3) by precipitating the iron by an excess of ammonia, heating, and 
adding barium chloride to the solution without filtering off the ferric 
hydroxide, and finally dissolving the latter in dilute hydrochloric acid. 

Most chemists, however, deem it advisable to remove trivalent metals 
before attempting to determine the sulfuric acid. This is accomplished 

* Recoura, Compt. rmd., 113, 857; 114, 477. 

t Z. anorg. Chem.^ 22, 424. 
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in the case of ferric iron by adding a liberal excess of ammonia to the 
dilute, slightly acid solution which is at a temperature of about 70®. 
If 5~7 ml of concentrated ammonia (d.0.90) is added in excess of the 
amount required for neutralization,* the precipitate is not likely to 
contain any basic ferric sulfate. If, on the other hand, the solution 
is barely neutralized with ammonia, the precipitate will invariably 
contain some sulfate. 

The bivalent metals are occluded to a much less extent, so that it is 
not, as a rule, necessary to remove them. On the other hand, in the 
presence of considerable amounts of bivalent metal with relatively 
small amounts of sulfuric acid, the error arising from occlusion is likely 
to be large, so that it is better to remove the bivalent metals in such 
cases. The error caused by ferric salts can be largely overcome by 
reducing the iron with zinc. 

In the presence of alkali nitrate or chlorate the barium sulfate pre¬ 
cipitate will contain considerable quantities of barium chlorate and 
nitrate which it is impossible to remove by washing with hot water. 
These acids, therefore, must be decomposed by evaporation with hydro¬ 
chloric acid before attempting to precipitate the sulfuric acid. 

In ordinary chemical practice it is usually a question of determining 
sulfuric acid in a solution containing considerable amounts of ammo¬ 
nium or alkali chloride, ammonium or alkali sulfate, and some free 
hydrochloric acid. Now ammonium and alkali sulfates are also oc¬ 
cluded by barium sulfate, and the amount of occlusion increases as the 
solution is more concentrated with respect to these substances. For 
this reason it is evident that barium sulfate should always be precipi¬ 
tated in a dilute solution. On the other hand, if the solution is too 
dilute or very concentrated the crystals are so small that they will run 
through a filter. A small amount of free hydrochloric acid is indis¬ 
pensable, but larger amounts have a solvent effect upon the precipitate. 
One might think that adsorbed ammonium chloride would do no harm, 
but it has been found to cause some volatilization of sulfate during 
ignition. 

For an amount of sulfuric acid corresponding to 1-2 g of barium sul¬ 
fate, the precipitation should take place in a volume of 350-400 ml 
and in the presence of 1 ml of 12 N hydrochloric acid. 

If a neutral solution is at hand, dilute to a volume of 350 ml and add 
1 ml of concentrated hydrochloric acid. Carefully neutralize an alka- 
line solution with hydrochloric acid, using methyl orange as indicator, 
add 1 ml of concentrated hydrochloric acid in excess, and dilute the 
solution to 350 ml. 

* Pattinson, /. Soc. Chem. Ind.^ 24, 7. 
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Finally, in the case of an ax^id solution, either evaporate to dryness, 
moisten the residue with 1 ml of concentrated hydrochloric acid, and 
add 350 ml of water, or, with methyl orange as indicator, neutralize 
the solution with ammonia, add 1 ml of concentrated hydrochloric acid, 
and dilute to 350 ml. 

Remarks. — In the presence of ammonium salts the precipitation of the barium 
sulfate should not be accomplished by the slow addition of the barium chloride, as is 
otherwise desirable, for, as Hintz and Weber have shown, this leads to low results, 
whereas the occlusion caused by the rapid addition of the barium chloride counter¬ 
balances this error. 

Under no circumstances should a precipitate of barium sulfate be heated over 
a blast lamp, for then sulfuric anhydride is evolved from the barium sulfate. 

To explain the occlusion of barium chloride by barium sulfate, Ilulett and Duschak* 
have suggested that perhaps the precipitate may contain salts such as BaCl-HS 04 , 
(BaCl) 3 S 04 , and Ba(HS 04 ) 2 , and Folinf believes that such is this case because some 
of his precipitates have lost SOs on ignition while others have lost HCL He also 
suggested the possibility of salts such as Ba(KS 04)2 being precipitated. 

Home Problems 

81. Calculate the chemical factors for converting weights of (a) silver chloride 
into chlorine, (6) ferric oxide into iron, (c) barium sulfate into sulfur, (d) magnesium 
pyrophosphate into magnesium oxide, and (c) magnesium pyrophosphate into phos¬ 
phoric anhydride. How many grams of Mn804 can be obtained from 2 grams of 
MnOa? 

82. What weight of sulfur corresponds to 5.672 g of barium sulfate? Find the 
percentage of SO 3 in pure Mohr’s salt, FeS 04 *(NH 4 ) 2 S 04-6 H 2 O. 

83. Compute the volume of 0.1 iST silver nitrate required to precipitate the chlo¬ 
rine in 0.26 g of sodium chloride. How much reagent would be required containing 
25 g of silver nitrate per liter? 

84. From the tables at the back of the book, compute the volume of ammonia 
solution, d.0.96, required to neutralize a solution obtained by pouring 35 ml of sulfuric 
acid, d.1.75, into 200 ml of water. 

85. In the analysis of an iron ore from which a pure precipitate of Fe(OH)8 is 
obtained, what weight of sample should be taken such that each centigram of ignited 
Fe208 will represent 0.1 per cent of iron present? What weight of impure ferrous 
salt such that the weight of pure BaS 04 obtained divided by 0.05 will give the per¬ 
centage of sulfur present? 

86. What weight of magnetite must be taken for analysis such that the weight 
of FeaOs, obtained from it and containing all the iron, multiplied by 100, will give 
the percentage of Fe 804 in the sample? 

87. A mixture of pure LiCl and BaBr2-2 H 2 O weighing 0.6 g gives a precipitate of 
insoluble silver salt weighing 1.35 g. Find the percentage of bromine present. 

88. A mixture of LiCl and KCl weighing 0.15 g is obtained in the analysis of 
0.48 g of a silicate. The silver chloride precipitate obtained from the above weight of 
chlorides weighed 0.42 g. Compute the percentages of K 2 O and Li present in the 
silicate. 


* hoc. cit. 

t J. Bid. Chem. 1, 131 (1905). 
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89. A sample of FeS 04 -(NH 4 ) 2 S 04-6 HjO weighing 1.2 g is dissolved in water 
containing 2 ml of 6 AT hydrochloric acid. Compute (a) the volume of concentrated 
nitric acid, d.1.42 (see table at the back of the book), required to oxidize the iron if 
the nitric acid is reduced to NO; (b) the volume of ammonia solution, d.0.90 (see 
table), required to neutralize the solution and precipitate the iron as re(OH) 3 ; and 
(c) the weight of the resulting precipitate after ignition to Fe 203 . 

90. In the determination of sulfur in pyrite, what weight sample should be taken 
such that the weight of BaS 04 precipitate in centigrams when divided by 4 gives the 
percentage of sulfur in the sample? 

91. What weight of impure ferrous ammonium sulfate should be taken so that the 
number of centigrams of BaS 04 will be 5 times as large as the per cent of S present? 

92. A sample of ferrous ammonium sulfate contains glass as the only impurity. 
If from 0.7650 g of the solid, 0.1263 g of Fe208 was obtained, how many milliliters 
of 2.5 per cent BaCl 2‘2 H 2 O solution will be required to precipitate the S in the fil¬ 
trate from Fe(OH)8? What percentage of glass was present? 



CHAPTER XII 


PHOSPHORIC ACID IN APATITE. ANALYSIS OF LIMESTONE 
OR PORTLAND CEMENT 

The phrases phosphoric acid in apatite and phosphorus pentoxide in apatite require 
a word of explanation. Arc'ording to the ideas that prevailed during the greater 
part of the nineteenth century and earlier, oxygen was the acid substance (German, 
Sauerstoff) common to all acids. In the terms of the dualistic theory of Berzelius, 
which was the forerunner of the dissociation theory of Arrhenius (1887), there 
were two kinds of oxides — basic or positively charged oxides, and acidic or nega¬ 
tively charged oxides. Salts were compounds of these two kinds of oxides. Thus 
sodium carbonate was written Na20*C02 and sodium sulfate Na 20 -S 03 . Moreover, 
CO 2 was commonly called carbonic a(;id and SOs sulfuric acid. A substantje like 
hydrogen (diloride was not considered to be a true acid because it contained no 
oxygen, and a salt like sodium chloride was not considered to be a true salt by the 
followers of Berzelius; these were merely binary compounds. 

The analytical chemist today often reports the results of analysis in terms of the 
old dualistic theory. In the analysis of sodium carbonate, for example, he still com¬ 
putes the percentage of ‘^soda,” Na20, and of ‘‘carbonic acid,'’ CO 2 . This may be 
partly due to the fact that the analytical chemist is a practical person and not 
always interested in theoretical hypotheses as much as in methods of analysis. 
One of the best-known works on analytical chemistry in an edition published in the 
latter part of the nineteenth century used an old abandoned nomenclature probably 
because the author had never accepted the modern theories. That is, however, 
not the main refison why the chemist clings to the old-fashioned method of reporting 
his results; there are two other more important reasons. In the first place, there 
is a very large accumulation of analytical data concerning the chemical composition 
of minerals and rocks. The older data often have to be recomputed on the basis of 
our present ideas concerning atomic weights, but it would be confusing to many 
mineralogists if the chemist were to change his method of reporting results. In the 
second place, the analysis of a substance like sodium carbonate, or of a mineral, 
never involves the direct determination of the element oxygen. It is better to dis¬ 
tribute the oxygen among the various elements rather than to determine it by 
difference or to assign it to a single constituent. It is fairer to assign one oxygen 
to each two atoms of sodium and two to each atom of carbon in sodium carbonate 
than to report the percentage of Na and of COg. In a mineral such as KAlSisOs, the 
potassium, the aluminum, and the silicon are actually determined by analysis. Un¬ 
less one knew that the mineral analyzed was feldspar, he would have no idea how 
many atoms of oxygen to write in combination with the silicon. By reporting the 
analysis in terms of K 2 O, AI 2 O 3 , and Si02 the oxygen is taken care of very nicely. 
With a mineral like apatite, Ca 3 CP 04 ) 2 -CaFCl, there is difficulty, however, for if the 
calcium is reported as CaO the analysis will total over 100 per cent if every con¬ 
stituent is determined. In such cases the analyst sometimes does report all the 
calcium as CaO and after summing up his results writes “less oxygen equivalent to 
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chlorine and fluorine.'^ In other words, the analyst cannot tell at all, unless he has 
some knowledge of minerals, how the chlorine and fluorine are combined. He knows, 
however, that the chlorine and fluorine are probably present as chloride and fluoride, 
and if he has computed all the basic constituents as oxides he has used 8 parts by 
weight of oxygen (one-half atomic weight) for each 19 parts by weight of fluorine 
(one atomic weight) and for each 35.46 parts by weight of chlorine. When we say 
that we determine the phosphoric acid in apatite, therefore, we are unconsciously 
using the discarded nomenclature of Berzelius. It were better to say that we deter¬ 
mine the phosphorus content expressed in terms of phosphorus pentoxide. 

The spelling of the word phosphorus is often a stumbling-block for beginners. 
When spelt in this way, this word signifies a noun and the name of an element. 
The spelling phosphorous indicates, on the other hand, an adjective. Phosphorous 
acid is always II3PO3, but there are several other acids containing phosphorus. 

The determination of phosphorus in apatite is an interesting problem. The 
mineral dissolves by heating with mineral acid because IIPO4 and H 2 P 04 ~ are 
ions which are very slightly dissociated. H 2 P 04 ~, as we have already seen, is 
dissociated into and IIPO4 enough to affect phenolphthalein indi(;ator but not 
enough to affect methyl orange. Apatite, when placed in contact with water, tends 
to form a saturated solution of calcium phosphate, and this salt is ionized into PO4 
and Ca"^^. But PO4 cannot exist in the presence of a large quantity of H"^ 
except in accordance with the mass-action law. 


[H^] 1P0 4“~~] 
[HP()4—] 


= 3.6 X 10-13 


and similarly 


[H +1 fHP() 4 -l 
rH2P04“] 


= 2.0 X 10-7; 


[H+] X [H2PO4”] 
IH3PO4] 


1.1 X 10-2 


'By treatment of calcium phosphate with an excess of mineral acid, therefore, the 
sample dissolves forming Ca^"^ ions, H8PO4, and some H2PO4”. 

The usual method of determining phosphorus present as phosphate is to get a 
precipitate of magnesium ammonium phosphate, MgNH 4 P 04 ' 6 H 20 , which upon 
ignition yields magnesium pyrophosphate, Mg 2 P 207 . 

To obtain the precipitate it is necessary to make the solution ammoniacal. In 
the analysis of phosphate which is soluble in water, this presents no difficulty, but 
with calcium phosphate, as soon as the acid solution is neutralized, calcium phos¬ 
phate will precipitate. 

There are three ways in which the phosphate can be separated from calcium. The 
first involves the addition of tin to the nitric acid solution, whereupon phosphoric 
acid is carried down with the metastannic acid precipitate that forms. This method 
is not popular in quantitative analysis because the precipitate is hard to filter. 
Another way is to add considerable ferric salt to the solution and make a basic 
acetate precipitation at about pn = 9, in which case ferric phosphate is precipitated 
together with basic ferric acetate. This precipitate can be washed free from cal¬ 
cium, dissolved in an acid, and, if citric or tartaric acid is added to the solution, it 
can then be made ammoniacal without any precipitation of the iron or of the phos¬ 
phate. This method has been used for quantitative work and is a little easier than 
the tin method. The favorite method of precipitating phosphoric acid from an 
acid solution is by means of ammonium molybdate. In a solution of the proper 
acidity and with a suitable content of ammonium salt, the phosphoric acid is pre¬ 
cipitated as the ammonium salt of phosphomolybdic acid, in which, under favorable 
conditions, there are 12 molecules of molybdic acid anhydride combined with 1 of 
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ammonium phosphate. The formula of the compound is usually written (NH 4 ) 3 - 
P 04-12 M 0 O 3 . It forms a yellow precipitate with even very small quantities of 
phosphorus. It is easily dissolved by dilute alkali and is least soluble in dilute acid 
containing ammonium salt. The precipitate can be washed free from other sub¬ 
stances in the original acid solution, dissolved in ammonia water, and, from the 
ammoniacal solution, a precipitate of magnesium ammonium phosphate obtained 
upon the addition of ‘‘magnesia mixture,^^ which is magnesium chloride solution 
containing sufficient ammonium salt to prevent the precipitation of magnesium 
hydroxide when the reagent is added to an ammoniacal solution. 

Determination of P2O5 in Apatite 

Weigh out duplicate portions of the finely powdered mineral of 0.2-^ 
0.25 g, taking care to get the nearest tenth of a milligram as accu¬ 
rately as possible. Heat in a covered 200-ml casserole with 15 ml of 
6 N nitric acid. Evaporate to dryness on the steam-bath or hot plate, 
taking care to avoid spattering. Heat the residue for at least 15 min¬ 
utes at 110-120° t6 dehydrate silica. Digest the residue with 25 ml 
of 6 iV nitric acid, and heat a few minutes to dissolve the soluble mate¬ 
rial. Filter and wash with small portions of hot water, receiving the 
filtrate and washings in a 300-Erlenmeyer flask. Continue to wash until 
5 ml of the filtrate will give no precipitate of calcium phosphate when 
neutralized with ammonia. If a precipitate is obtained, pour the test 
back into the filtrate. The volume of the solution should not exceed 
100 ml at this point. 

To the filtrate, carefully add 6 N ammonium hydroxide solution 
until a slight permanent precipitate is produced of calcium phosphate. 
Dissolve this by adding a few drops of 6 iV nitric acid. Heat the solu¬ 
tion to about 65°, and add 75 ml of ammonium molybdate reagent.* 
Keep the solution at this temperature for half an hour, filter, and wash 
once by decantation with an acid solution of ammonium nitrate f and 
at least six times on the filter. When the washing is complete place 
the flask containing the bulk of the precipitate under the funnel and 
allow 6 N ammonium hydroxide solution to drop upon the upper edge 
of the filter from a buret, until enough has been added to dissolve 
all the precipitate on the filter paper and that in the flask. Rotate 
the contents of the flask from time to time and avoid using an un¬ 
necessary excess of ammonia. Wash the filter paper thoroughly with 
hot water. The volume should not exceed 100 ml at this point. Drop 
a piece of sensitive litmus paper into the solution and add 6 N hydro¬ 
chloric acid, with constant rotation of the flask, until the litmus paper 

* See p. 233. 

t Mix 100 ml of 6 AT ammonium hydroxide with 325 ml of 6 AT nitric acid and 
dilute with 100 ml of water. 
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changes to a violet verging on the blue rather than the red. Add 10 ml 
of magnesia mixture* and heat almost to the boiling point. Add 2-3 
drops of phenolphthalein indicator, and neutralize with 1.5 N am¬ 
monium hydroxide until the solution is colored pink by the indicator. 
Cool, add one-fifth of the solutionis volume of concentrated ammonium 
hydroxide, and allow to stand for at least 4 hours. Continue the analy¬ 
sis by any one of the following three methods. 

(а) Weighing as MgNfhPO^'^H20. — Prepare a Gooch crucible 
with a suitable asbestos mat for filtering. Rinse out the crucible under 
gentle suction, with four 5-ml portions of alcohol followed by four 5-ml 
portions of ether. Draw air through the crucible for 5 minutes to evapo¬ 
rate the ether, wipe off the outside with a clean cloth, allow to stand in a 
desiccator over calcium chloride for 15 minutes, and then weigh care¬ 
fully. Decant off the mother-liquor from the magnesium ammonium 
phosphate precipitate through this weighed crucible, wash the precipi¬ 
tate three times by decantation with 1.5 N NH 4 OH (concentrated 
NH 4 OH, d.0.90, diluted with nine times as much water), and transfer 
the precipitate to the crucible. Use a rubber policeman to remove the 
precipitate from the sides of the glass beaker. Wash the precipitate 
with the 1.5 N NH 4 OH until the filtrate gives no test for chloride when 
made acid with nitric acid and treated with a few drops of silver nitrate 
solution. To collect filtrate for this test, place a test-tube in the suction 
flask underneath the filter funnel. It is important that all the ammo¬ 
nium chloride should be washed out of the crucible before washing with 
alcohol and ether. Finally wash four times with 5-ml portions of 
alcohol, followed by four 5-ml portions of ether. Draw air through the 
crucible for 5 minutes, wipe off the outside of the crucible with a clean 
cloth, and weigh after it has remained in a desiccator 15 minutes. The 
precipitate contains 28.93 per cent of P 2 O 6 . 

( б ) Weighing as MgNH4,P0A H20, — Proceed exactly as under (a) 
excepting the treatment with alcohol and ether. After preparing the 
Gooch crucible with a suitable asbestos mat, place it in a small covered 
beaker and allow it to remain in the drying oven at 100 ° for at least an 
hour. Cool 15 minutes in a desiccator, and weigh carefully. After 
filtering off and washing the magnesium ammonium phosphate precipi¬ 
tate with 1.5 W NH 4 OH till free from chloride, place the crucible in a 
small covered beaker and allow it to remain an hour in the drying oven 
at 100 °, but make sure that the oven does not exceed this temperature 

* The magnesia mixture” is prepared, according to Schmitz, by dissolving 55 g 
of MgCl 2-6 H 2 O and 105 g of ammonium chloride in water, adding a little hydro¬ 
chloric acid, and diluting to a volume of 1 1. For 0.1 g of P2O5, use 6 ml of this 
solution. 
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by more than one degree. The precipitate contains 46.01 per cent 
P2O5. 

The hexahydrate changes to the monohydrate at about 50*^. After 
drying 1 hour at 100 °, there is no appreciable decomposition of the 
monohydrate. If, however, the temperature is raised, or the precipitate 
is kept at this temperature for a long time, an appreciable decomposition 
takes place and there is a loss of some ammonia as well as water. 

(c) Weighing as Mg^P^Oi. — 

This is the classic method of weighing the precipitate, and the literature furnishes 
abundant proof of the fact that accurate results can be obtained. On the other 
hand, it is one of the hardest tasks that the beginner in analytical chemistry has to 
perform, because it is only by careful ignition that a pure, white residue can be 
obtained. If the precipitate is ignited too rapidly, a dark-colored ash is obtained. 
This is caused sometimes by incomplete combustion of the filter paper and sometimes 
by a reduction of the phosphate by the hot ammonia vapors that are being expelled. 
If the precipitation has taken place in the presence of sodium salts, sometimes a 
little sodium salt is adsorbed by the precipitate and it melts during the ignition to 
form a coating which makes it difficult to burn all the carbon of the paper. Because 
of the difficulty involved and the fact that good results are possible, this determina¬ 
tion as magnesium pyrophosphate furnishes good experience to the embryo chemist. 

Use an ashless filter paper for filtering off the magnesium ammonium 
phosphate precipitate. After washing it with 1.5 N NH 4 OH, exactly 
as described under (a), moisten it with a saturated solution of ammonium 
nitrate in 1.5 N ammonia, dry, ignite slowly and carefully, and weigh. 

If the weight of the precipitate is p, then the corresponding weights 
of H3PO4 and P2O5 are 

2H3PO4 P • XT Drk A PzOs-p 

. weight H.PO. and - weight P.O. 

The conversion of magnesium ammonium phosphate to magnesium pyrophosphate 
can also take place in a Gooch crucible. The crucible and its asbestos mat should 
be heated to about 800® and cooled in a desiccator before weighing it. After trans¬ 
ferring the precipitate to the crucible and washing out all soluble salts, it should be 
dried at about 100® and then heated to about 800° for at least 15 minutes. If a 
muffle furnace is available this offers no difficulty. If the heating takes place over 
a free flame, a piece of platinum foil, or the lid of a platinum crucible, should be 
placed underneath the crucible so that the flame does not come into direct contact 
with the precipitate. 

Analysis of Limestone or of Portland Cement 

Portland cement is made by heating limestone with a clay rich in silica. The 
cement, therefore, contains the non-volatile constituents of both materials. It 
represents a silicate completely decomposable by dilute mineral acid. In the analy¬ 
sis of limestone, not much decomposable silicate is likely to be present, and the 
three important determinations are: lime, CaO; magnesia, MgO; and carbon 
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dioxide, CO2. In commercial analysis, the residue insoluble in dilute acid is often 
weighed and called “insoluble material’^; the precipitate obtained with ammonium 
hydroxide is ignited and weighed as “combined oxides’' consisting chiefly of Fe 208 
and AI2O3. In the analysis of portland cement the procedure is similar except that 
special pains are necessary for the determination of the silica, the iron is usually 
determined and the corresponding weight deducted from the ignited ammonium 
hydroxide precipitate, and the difference is called alumina. It may also contain 
a little manganese, titanium, and traces of silica and phosphoric anhydride. With 
Portland cement, the determination of carbon dioxide is unimportant but sulfate is 
usually determined because a little gypsum is commonly used in the preparation of 
the cement, but the calcium sulfate content should be kept low and specifications 
are rigid with respect to this point. The testing of portland cement also includes 
certain physical tests in addition to the chemical analysis which alone concerns us 
here. 

The American Society for Testing Materials has adopted a standard set of speci¬ 
fications* for j)ortland cement, including its physical and chemical testing. The 
chemical methods recommended were those formulated by a committee who made 
a special study of this analysis. The following directions are based upon the report 
of the committee, but the procedure has been modified slightly in minor details and 
no attempt is made to reproduce the same wording. This scheme of analysis is 
given partly because of the technical importance of portland cement and partly 
because it has proved a satisfac^tory procedure to place in the hands of students as 
representative of a complete analysis. 

The mode of procedure adopted by the above-mentioned committee called for 
two evaporations for the removal of the silica. In the discussion of the method, 
however, it was pointed out that by heating the residue at 120°, not correcting for 
impurities by the hydrofluoric acid treatment and not correcting the subsequent 
precipitate formed by ammonia for small traces of silica, results are obtained which 
are within the permissible anal 3 d-ical error of the correct value. In fact, by this 
more rapid method, a compensation of errors takes place and the results are better 
in many cases than if the same operator attempted to carry out the analysis with 
the utmost precision possible. 

The committee also recommended the use of platinum dishes and platinum cru¬ 
cibles as far as possible. The advantages gained are obvious, but the price of plat¬ 
inum has become so high that it is the duty of every practical chemist to avoid the 
use of platinum utensils wherever possible. The errors introduced by using por¬ 
celain instead of platinum are insignificant in most cases, although greater care must 
be taken to allow crucibles to cool before placing them in desiccators, and a longer 
time should elapse before weighing. 

The original directions call for two precipitations of the calcium and for two 
precipitations of magnesium. This is unessential in the commercial testing of port- 
land cement provided the conditions recommended are carefully fulfilled. The direc¬ 
tions apply equally well to the analysis of limestone. 

Procedure, — Weigh 0.5 g of limestone or cement into a 250-mI porce¬ 
lain casserole, cover with 40 ml of water, and add 20 ml of 6 iV” hydro¬ 
chloric acid (d.1.1), breaking up with a stirring-rod any lumps that 
form. Cover the casserole with a watch glass and digest about 15 


Proc. Am, Soc. Testing Materials^ 12, 301-28 (1912), 
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minutes on a hot plate until the cement is decomposed completely. 
Rinse off the bottom of the cover glass with a little water and evaporate 
to dryness on the water-bath.* During the evaporation have the cover 
glass raised above the top of the casserole by means of a glass support. 
Heat the casserole and dry the residue in a hot closet at 120°. 

Silica. — Moisten the residue with 10 ml of 6 iV' hydrochloric acid, 
warm slightly, and add 150 ml of water. Cover the casserole with 
a watch glass and digest 10 minutes at a temperature near the boiling 
point. Filter into a 300-ml beaker; wash twice with 2 N hydrochloric 
acid and then with hot water till free from chloride. Transfer the moist 
precipitate and filter to a weighed porcelain crucible with the paper 
folded so that the precipitate is entirely covered, t Smoke off the filter 
paper at a low heat without letting the paper take fire (cf. p. 162). 
Finally ignite at the full heat of the M^ker burner until a constant 
weight is obtained of a perfectly white precipitate. Report as “ in¬ 
soluble residue ” in the analysis of limestone or as “ silica ” in the case 
of Portland cement. 

Precipitation of Iron and Aluminum. — To the filtrate and washings 
add 6 N ammonia solution until a slight ammoniacal odor persists after 
blowing away the vapors. Heat again just to boiling and promptly 
filter off the precipitate of Fe(OH )3 and Al(OH) 3 . Wash the precipitate 
6 times with small portions of hot water. Reserve the filtrate for the 
calcium and magnesium determinations. 

Sometimes the precipitate contains a little calcium carbonate from 
the carbon dioxide in the air and often a little magnesium hydroxide. 
Wash the precipitate back into the casserole, place the casserole under 
the funnel, pour 5 ml of hot, 3 N hydrochloric acid on the upper edge 
of the filter, and wash the filter with a little hot water. Continue the 
treatment with acid and water until all the precipitate left on the filter 
is dissolved. Finally wash the filter with a little dilute ammonia. 
Precipitate with ammonia just as before, filter through the original 
filter and wash this second precipitate till free from chloride. Ignite 
the second precipitate wet in a p)orcelain crucible and weigh as Fe 203 + 
AI2O3, neglecting the small quantities of Ti02, P2O6, and Mn 304 which it 

* At this temperature, the silica acid becomes dehydrated so that it is practically 
insoluble in dilute acids. The presence of the calcium chloride from the cement 
helps the dehydration. The quantity of silica that passes into the filtrate is negligible 
and more than balanced by that obtained from the reagents and dishes. The residue 
should not be baked too hard. At higher temperature combination of basic mag¬ 
nesium salt and silicic acid takes place and alumina is made very insoluble. 

t Dry silica is very pulverulent and easily lost if the gases from the paper escape 
too violently, as wheo it takes fire. 
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may possibly contain. Unite the filtrate with that obtained from the 
first precipitate. 

In the analysis of limestone, the weight of this precipitate will usu¬ 
ally be small. The iron content will often arise from a little ferrous 
carbonate present in the sample. Disregard this fact and simply report 
the percentage of combined oxides '' present. 

In the analysis of Portland cement, the precipitate after ignition 
should be largely AI2O3, and it is customary to regard it as AI2O3 + 
a little Fe 203 . The quantity of the latter should be determined by 
titration, as follows: 

Ferric Oxide. — Transfer the ignited precipitate to a small beaker. 
Dissolve the traces that remain adhering to the crucible by heating 
small portions of 6 iV hydrochloric acid in it, finally pouring each por¬ 
tion into the beaker. Use 20 ml of acid in all. Do not at any time 
dilute the hydrochloric acid until all the iron in the beaker is dissolved. 
Heat the acid with the iron and aluminum oxides at about 90° until 
all the iron has dissolved (cf. p. 92). When a clear solution is ob¬ 
tained, place the beaker on a filter, reduce carefully with stannous 
chloride, and determine the iron content by the Zimmermann-Reinhardt 
process. Compute the percentage of Fe203 present and subtract this 
from the above weight of the oxides to get the per cent AI2O3. 

Calcium Oxide. — Make the combined filtrates acid with acetic acid, 
bring to a volume of about 400 ml, heat to 80-90°, and slowly add, while 
stirring, 60 ml of hot, 0,5 N ammonium oxalate solution.* Add am¬ 
monium hydroxide until the solution is slightly ammoniacal and allow 
the precipitate to stand an hour, but not much longer, before filtering. 

If considerable magnesium is present in the solution, some magnesium 
oxalate will come down with the calcium oxalate. If, therefore, more 
than 10 per cent of MgO is present in the substance analyzed, it is best 
to redissolve the calcium oxalate precipitate and repeat the precipi¬ 
tation. In this case, use a paper filter for filtering off the precipitate. 
When all the solution has passed through the filter, wash the precipitate 
with about 15 ml of hot water. Then rinse the precipitate back into 
the original beaker by holding the funnel in an inverted position and 
directing a stream of hot water against it. Replace the funnel in the 
support and wash the filter with about 25 ml of hot, 3 N hydrochloric 
acid. Heat the acid in a test-tube, pour it upon the upper edge of the 
paper, and catch the liquid as it runs through the filter in the beaker 
containing the precipitate. Finally wash the filter with a little hot 
water (and with dilute ammonia if it is to be used again for filtering the 

* About 10 g of NH 4 CI should be present in separating calcium and magnesium. 
This is usually present already at this stage in the analysis. 
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next precipitate). Heat the dilute acid in the beaker and add a little 
more acid if necessary to dissolve the precipitate completely. Dilute the 
solution to about 250 ml and repeat the precipitation of the oxalate at the 
boiling temperature, adding ammonia and 5 ml more of the ammonium 
oxalate reagent. Since the solution already contains oxalic acid equiva¬ 
lent to the calcium, only a little more reagent is necessary. 

The calcium content of the precipitated calcium oxalate can be determined in 
various ways, all of which give good results. 

(1) The filtered precipitate corresponds to the formula CaC 204 *H 20 . It can be 
weighed in this form without ditfi{‘ulty because the water of crystallization is retained 
even after long heating at temperatures considerably above the boiling point of 
water. 

(2) It can be weighed as anhydrous calcium oxalate. To accomplish this it has 
been recommended to heat the precipitate to 200-300° for some time. 

(3) It can be converted t-o calcium carbonate by heating to dull redness. The 
reaction 

CaC 204 CaCOa + CO 

takes place at about 400°, but Foote and Bradley* have shown that it is safe to heat 
at 675-800° if the precipitate is in a tubulated crucible and a current of CO 2 is con¬ 
stantly led through the (Tucible while it is being heated. The common way of 
accomplishing the decomposition is to heat for some time to dull redness, cool, 
moisten with a little ammonium carbonate reagent, and again heat carefully until 
no more odor of ammonia is perceptible. For the first heating, 2 hours in a muffle 
at 500° has been recommended, and after the treatment with ammonium carbonate 
solution, drying at 110° is sufficient. 

(4) After the ignition to calcium carbonate, and it does no harm if some calcium 
oxide is formed, the precipitate can be dissolved in a measured volume of 0.5 N 
hydrochloric acid and the excess acid titrated with 0.5 N sodium hydroxide to a 
methyl orange end point. 

(5) By strong ignition, calcium carbonate is changed to calcium oxide, which can 
be weighed. This method of handling the calcium oxalate precipitate is generally 
regarded as the best. Quantitative conversion can be accomplished in a covered 
platinum crucible by heating 1 hour with the full heat of a good Bunsen burner. 
The crucible should be covered loosely to prevent unnecessary loss of heat. A 
much shorter period of heating is necessary over a M6ker burner or the blast lamp. 
A muffle heated to about 1000° can be used to advantage. The conversion of cal¬ 
cium oxalate to calcium oxide cannot be accomplished by heating in an open por¬ 
celain crucible over a Bunsen burner, and it requires a very long time to accom¬ 
plish the conversion by heating in a covered porcelain crucible over a large M6ker 
burner. The determination as oxide, therefore, is not to be recommended unless a 
muffle furnace or a platinum crucible is available. 

(6) The original calcium oxalate precipitate can be dissolved in dilute acid and 
the liberated oxalic acid titrated with potassium permanganate solution. This is 
one of the most popular methods and gives good results. For this method of analy¬ 
sis, the precipitate should not contain over 0.1 g of calcium. In Portland cement 
analysis, therefore, an aliquot of the filtrate from the iron and alumina precipitation 


J. Am. Chem. Soc.y 48, 676 (1926). 
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should be taken or an aliquot of the solution of the calcium oxalate precipitate in 
acid. To take an aliquot of any solution, dilute it to a definite volume in a volu¬ 
metric measuring-flask. After diluting to the mark, mix the solution by pouring 
it back and forth at least four times, using a beaker whi(‘h is clean and dry at the 
start. Then, by means of a jiifiet or a smaller measuring-flask take out at once one 
or more fractional parts of the entire solution for further analysis. Thus the filtrate 
from the ammonia precipitation (‘an be diluted to exactly 500 ml, the solution mixed 
and 50 ml (= one-tenth) taken for the calcium determination. The word aliquot 
in mathematics designates a number that will divide a larger number without leaving 
a remainder. In analylical chemistry it is used to represent an exact simple fraction 
of the w'hole sample taken for analysis. 

Weighing as CaC 204 H20. — Use a weighed Gooch crucible for col¬ 
lecting the calcium oxalate precipitate. The crucible can be weighed 
after drying at least an hour at 105-110° or after washing with alcohol 
and ether. Wash the precipitate with hot water until no chloride test 
is obtained on adding nitric acid and a little silver nitrate solution to the 
last portion of the filtrate, save the filtrate for the magnesium deter¬ 
mination, and dry the precipitate by heating at 105 "110° or by washing 
with alcohol and ether. The drying should take place in the same way 
both times. The precipitate contains 84. ^ per cent CaO. 

Weighing as CaO. — Use an ashless paj^er for collecting the pre¬ 
cipitate. Wash the precipitate with hot water until free from chloride 
and save the filtrate for the magnesium determination. Transfer the 
precipitate to a weighed platinum crucible. Ignite carefully with the 
flame at the mouth of the crucible until the precipitate is dry, and then 
heat with a small flame at the base of the crucible until all the paper is 
decomposed without letting it take fire. Then gradually raise the 
temperature and heat over a Tirrell burner for an hour with the crucible 
in an upright position and covered. Cool to about 100°, place in a 
desiccator, and weigh after 15 minutes. Repeat the heating until after 
cooling a constant weight is obtained. The calcium oxide is somewhat 
hygroscopic but is not difficult to weigh if it has been washed free from 
chloride. Call the weight constant if it agrees within 0.2 mg with the 
previous weight. 

Titration with Permanganate. — Either a paper filter or a Gooch 
crucible can be used. After the precipitate has been washed free from 
chloride, transfer the precipitate together with the filter to a 400-ml 
beaker and dissolve the precipitate in 100 ml of warm 3 N sulfuric acid. 
Titrate at 70° with potassium permanganate as described in Chapter 
VII for the standardization of permanganate against sodium oxalate. 

Magnesium Oxide. — Make the filtrate acid with hydrochloric acid 
and concentrate to about 300 ml by evaporation on the hot plate. If 
the solution is accidentally evaporated to dryness, moisten the residue 
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with 5 ml of 6 N hydrochloric acid and enough water to dissolve ammo¬ 
nium salts, which are always present when the magnesium is determined 
in the filtrate from the precipitation of calcium oxalate. If a clear solu¬ 
tion is not obtained, heat to boiling and filter if necessary. Wash the 
precipitate (usually a little silica from the glass) once with 2 N hydro¬ 
chloric acid and then with hot water till free from chloride. 

To the acid solution, add an excess of diammonium or disodium 
phosphate — 1.2 g of (NH 4 ) 2 HP 04 or 3 g of Na 2 HP 04 T 2 H 2 O is ample — 
and some phenolphthalein indicator solution. Heat nearly to the boil¬ 
ing point and then slowly add 1.5 N ammonia water until a faint pink 
color is obtained and a slight precipitation takes place. Stir well for 
about a minute, touching the sides of the beaker as little as possible. 
When the precipitate has become distinctly crystalline, add more 
ammonia until a deep color is obtained with the phenolphthalein. 
Allow the solution to cool, then add one-fifth the solution's volume of 
concentrated ammonium hydroxide and allow to stand over night. 

Sometimes no precipitation takes place on adding the ammonia, but usually it 
will appear after standing over night in the presence of 2.5 N NH 4 ()H, which is the 
approximate concentration obtained by folloviring the above directions. The reason 
for the tardy formation of a precipitate of magnesium ammonium phosphate is due 
to the retarding effect of the ammonium salts present. Sometimes, when the solu¬ 
tion contains large quantities of ammonium oxalate, no precipitate appears. Three 
methods can be recommended for overcoming this difficulty. ( 1 ) Evaporate the 
solution to dryness in a porcielain casserole and heat the dry residue until no more 
vapors of ammonium salt are evolved. Cool, moisten the residue with 5 ml of 6 
hydrochloric acid, heat till basic salts are dissolved, dilute to about 25 ml, filter, 
and wash the filter with hot water until free from chloride. Add 5 ml of concentrated 
hydrochloric acid and some alkali phosphate if not already present. Dilute the 
solution to about 125 ml, heat nearly to boiling, and neutralize with ammonia as 
directed above. ( 2 ) Evaporate the solution to dryness after adding some nitric 
acid. To the residue add 25 ml of water, 50 ml of concentrated nitric acid, and 15 
ml of concentrated hydrochloric acid, and again evaporate to dryness. By this 
treatment with aqua regia ammonium salts are oxidized to nitrogen. Finally treat 
this residue with 5 ml of 6 Y HCl and 20 ml of water. Heat for a few minutes to 
dissolve basic salts and filter into a 250-ml beaker. Wash the filter with hot water 
till free from chloride, add 5 ml of concentrated hydrochloric acid, dilute to 125 ml, 
add 1.5 g of diammonium phosphate, and precipitate with ammonia as described 
above. (3) To the neutral solution add 5 g of sodium acetate and an excess of bro¬ 
mine water. Heat carefully and add more bromine until finally all the ammonium 
salt is oxidized. The reaction 

2 NH 4 + + 3 Br 2 = N 2 8 H+ - 2 NH 4 + + 3 Brj + 8 C2H302~ N 2 -f 

6 Br"* + 8 HC 2 H 8 O 2 

will take place provided suflScient sodium acetate anion is present to keep the solution 
buffered. 

The precipitate of ammonium magnesium phosphate, NH 4 MgP 04 - 
6 H 2 O, is the same as that obtained in the analysis of apatite, where it 
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was formed from the phosphate present. Filter, wash, and weigh by 
any one of the methods described on pp. 189-190. 

Formerly it was a common practice to precipitate magnesium ammonium phos¬ 
phate in the cold. Neubauer* showed, however, that this sometimes leads to high 
results and at other times the results are low. They are low when the precipitation 
takes place in strongly ammoniacal solutions containing but little ammonium salts, 
particularly when the phosphate solution is added slowly. Tribasic magnesium 
phosphate, Mg 3 (P 04 ) 2 , contaminates the precipitate. On the other hand, the results 
are too high if the precipitation takes place in neutral or slightly ammoniacal solu¬ 
tion in the presence of considerable ammonium salts. In this case more or less 
monomagnesium ammonium phosphate, Mg(NH 4 ) 4 (P 04 ) 2 , is formed. This com¬ 
pound is changed to magnesium metaphosphate by gentle ignition 
2 Mg(NH4)4(P04)2 = 2 Mg(P03)2 -h 8 NH .3 -f 4 H 2 O 

and the results are too high. When only a little of the metaphosphate is present, 
the temperature of the blast lamp will eventually lead to volatilization of some 
phosphorus pentoxide, so that nearly correct results are then obtained. 

2 Mg(P03)2 == Mg 2 P 207 4- P 2 O 5 

Recent studies have shown that during the ignition of MgNIl 4 P 04 there is likely 
to be a loss of phosphorus due to the reduction by hot carbon. Two ways of over¬ 
coming this difficulty have been suggested. McNabbf recommends dissolving the 
precipitate off the filter by means of nitric acid, making the solution slightly am¬ 
moniacal, and evaporating in a weighed porcelain crucible. McCandless and 
BurtonJ recommend washing the precipitate at the last with a concentrated solution 
of ammonium nitrate in 1.5 N ammonium hydroxide. In either case careful ig¬ 
nition gives a white pre(;ipitate of magnesium pyrophosphate and there is no re¬ 
duction and loss of phosphorus. Schmitz** has shown that precipitation in the 
presence of ammonium acetate is advantageous. 

The separation of calcium from magnesium depends upon the different solubilities 
of the two oxalates. Calcium oxalate is practically insoluble in hot water, whereas 
magnesium oxalate is fairly soluble; 1500 ml of cold water, or 1300 ml of boiling 
water, dissolve 1 g of MgC 204-2 H 2 O. The latter is more soluble in ammonium chlo¬ 
ride solutions and much more soluble in the presence of a large excess of ammonium 
oxalate; 20 g of ammonium oxalate will prevent the precipitation of 2.7 g of mag¬ 
nesium chloride in 100 ml of solution.ft 

It has been known for a long time that, when calcium oxalate is pre(apitated in the 
presence of magnesium ions, particularly when the solution hfis remained for a long 
time in contact with the precipitate, some magnesium is likely to be found in the 
precipitate. This has been attributed to the formation of a solid solution of magne¬ 
sium oxalate in calcium oxalate, to adsorption or occlusion of magnesium oxalate, 
or to the gradual breaking down of a supersaturated solution of magnesium oxalate.*** 


* Z. angew Chem.f 1896, 439. See also Gooch and Austin, Z. anorg. Chern, 20, 121. 
t J, Am. Chem. Soc., 49, 891, 1451 (1927). 
t Ind. Eng. Chem., 16, 1267 (1924). 

** Z. anal. Chem. 66, 46-53 (1924) cf. McNabb, J. Am. Chem. Soc., 60, 300 (1928). 
tt Bobtelsky and Malkowa-Janowski, Z. angew. Chem., 40, 1437 (1927). 
tt T. W. Richards, Z. anorg. Chem., 28, 701 (1901). 

♦*♦ W. M. Fischer, Z. anal. Chem., 163, 62 (1926). 
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For this reason it is quite generally believed that a precipitate of calcium oxalate 
formed in the presence of magnesium ions is rarely, if ever, pure* and therefore it is 
customary to filter off the precipitate, redissolve it in acid, and reprecipitate when¬ 
ever the content of magnesium amounts to more than a few milligrams. Bach 
and W. Fresenius,t however, have apparently proved that RichardsJ was right in 
asserting that the separation is a(*curate if the proper conditions are maintained. 

For the precipitation of small quantities of calcium in the presence of much magne¬ 
sium, three methods have been proposed, (1) The calcium oxalate is formed in 
the usual way, the precipitate is filtered off, dissoh ed, and repreci])itated a second 
and a third time. (2) The (‘alcium oxalate is jirecipitated in the presence of ammo¬ 
nium salt using only a slight excess of ammonium oxalate over that required by the 
calcium. (3) The calcium oxalate is precipitated in 100 ml of solution by the addi¬ 
tion of 20 g of ammonium oxalate; the hot solution is filtered off after standing a short 
time and no attention paid to any precipitate of magnesium oxalate that forms in 
the cold after some time. When the last method is used, the excess ammonium 
salts must be removed before attempting to precipitate MgNH 4 p 04 . 

DETERMINATION OF CARBON DIOXIDE 

The apparatus for this determination is shown in Fig. 2(S. The decomposition 
flask F should have a capacity of about 250 ml; a wide-mouthed flask such as used 



for Soxhlet extractions is also suitable. The tube T of 8-mm diameter is made about 
50 cm long and acts as an efficient air condenser. If a hole is blown at A*, the flow 
of gas from the decomposition flask is not impeded by condensed moisture during 
the experiment, but this is not very important. 

* Cf. Lundell and Knowles, J. Am. Ceramic Soc.y 10, 834 (1927). 

t Cheyn. Ztg., 49, 514 (1926). 

J Loc. dU 
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A and B are Erlenmeyer flasks of 100-125 ml capacity. A is empty but B con¬ 
tains enough concentrated sulfuric acid to act as a bubble counter and to show 
whether the apparatus is tight. C is a Midvale absorption tube containing some 
drying agent such as dehydrite, Mg(CI 04 )j!>^ H 2 O, between cotton plugs, and D is a 
similar tube containing ascarite (asbestos impregnated with NaOH) with cotton at 
the top and bottom. Instead of dehydrite^ calcium chloride (of the grade marked 
*'for drying tubes”), anhydrone, Mg(C 104)2 or detiicclora, Ba(C 104 ) 2 , can be used. 

By means of K, a small screw clamp on rubber tubing which is connected with suc¬ 
tion, the rate of flow of gas through the apparatus can be regulated. (7 is another 
100-125 ml Erlenmeyer flask which is, at the start, about; half full of normal IICl. 
H contains ascarite. In the drawing a Midvale tube is shown at //, but a U-tube or 
any absorbing tower can be used ecjually well. The glass tubing that connects F 
and C should reach nearly to the bottom of each flask; it is well to make the tube 
a little narrower where it ends at the bottom of the flask F and to have the tip turned 
upward. 

For decomposing the carbonate, sulfuric a(‘id, hydrochloric acid, phosphoric acid, 
perchloric acid, and chromic acid have all been recommended. In the analysis of 
baking-powders, no acid is required because water alone causes the decomposition; 
in this case the flask F must be perfectly dry at the start. 

If the substance contains besides the carbonate a sulfide which is decomposable 
with acid, introduce befor^ and^a tube containing pumice impregnated with copper 
sulfate.* This serves to absorb all the hydrogen sulfide evolved. 

Procedure, — First make sure that the apparatus is tight. Have the 
flask G empty but pour enough water in the flask F to seal t he end of the 
tubing. Close the pinchcock I on the rubber tubing at the extreme left 
of the apparatus so that air cannot enter there, and make sure that all 
the rubber stoppers are inserted tightly in the necks of the four flasks. 
Open the screw clamp K a little and apply gentle suction so that at first 
about 2 bubbles of air per second will pass through the liquid in B. If 
the apparatus is tight the current of air will soon slow down. When the 
air is passing at the rate of about 1 bubble in 2 seconds, close K tightly 
and take the rubber tubing off the suction pipe. There should now be 
no movement of air through the liquids in F or B, After a few min¬ 
utes, carefully allow air to enter the apparatus through the tubing at I 
by squeezing the end of the tubing to the left of I between the thumb 
and finger and alternately releasing the pressure at I and between the 
fingers. If the apparatus is tight, there will flow about as many bubbles 
of air through the apparatus as were withdrawn during the evacuation. 

During this testing, the tube D, which has been wiped dry with a 
clean linen cloth, should be resting in the balance case. After it has 
been there at least 10 minutes, remove the rubber tubing from the ends 
of the capillary tubing and weigh it and its contents to 0.1 mg. Weigh 

* Cover 60 g of pumice pieces in a porcelain dish with a concentrated solution 
of 30-35 g of copper sulfate. Evaporate the solution to dryness with constant 
stirring and heat the residue at 150-160° for 4-5 hours. 
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accurately 0.5-0.6 g of carbonate into the dry flask F, and add enough 
water to seal the end of the tubing at the bottom of the flask. Con¬ 
nect the weighed ascarite tube to the front end of the train, place about 
50 ml of approximately N hydrochloric acid in the flask G, and make 
sure that the pinchcock I is open. Apply gentle suction, and regulate 
the screw clamp K so that about 2 bubbles of gas per second pass 
through the sulfuric acid in B. When all the acid has been drawn from 
G into the flask F, start heating the contents of F. During the heating, 
watch the glass tubing that connects the flasks F and G and do not let 
the liquid pass from F toward G, as will happen if the liquid in F is 
heated too rapidly. If the liquid starts going toward G, turn down 
the flame and, if necessary, increase the suction. Finally boil the liquid 
in F for 1 minute. Then take away the flame and continue drawing 
air through the apparatus, at the rate of 2-3 bubbles per second, for 
20 minutes longer, in order to get all the CO 2 into the absorption tube Z). 
After this, detach D from the train and connect the two open ends with a 
piece of rubber tubing, to prevent absorption of CO 2 from the air. 
Wipe the tube carefully with a piece of clean linen and allow it to stand 
in the balance case for 15 minutes. Remove the rubber tubing and 
weigh. The gain in weight represents absorbed CO 2 . 

Remark. — The results obtained by this method are perfectly satisfactory. For 
the analysis of substances containing small amounts of carbonate, take 3-10 g for 
the analysis. It is convenient to use another Midvale tube as a tare when weighing 
the tube D, then recording merely the difference in weight. Sulfites interfere with 
this determination, but the difficulty can be overcome by. decomposing the carbonate 
with an excess of potassium dichrornate solution and adding the dilute acid later.* 


Home Problems 

93. If a sample of apatite corresponds exactly to the formula Ca 3 (P 04 ) 2 *CaFCl, 
compute for a sample weighing 0.15 g (a) the volume of (NH 4 ) 2 Mo 04 solution (cf. 
p. 4300) theoretically required to react with it; (b) the volume of 0.5 N NaOH re¬ 
quired to dissolve the yellow precipitate and leave the solution neutral to phen- 
olphthalein (cf. p. 234); (c) the volume of ferric alum solution containing 0.01 g Fe 
per ml) required to react with the molybdenum solution after it had been reduced to 
the trivalent condition, assuming that half the Mo is oxidized to the valence of 4 and 
half to the valence of 5; (d) the volume of “magnesia mixture’^ (cf. p. 18^ re¬ 
quired to precipitate the P as magnesium ammonium phosphate; and (e) the weight 
of magnesium pyrophosphate which could be obtained from this sample. 

* E. R. Marie, J. Chem. Soc.^ 95, 1491 (1909). If it is desired to determine a small 
quantity of carbon dioxide in a gas containing considerable hydrochloric acid and 
hydrogen sulfide, use a tube containing finely divided metallic copper, instead of the 
pumice and copper sulfate, to absorb the hydrogen sulfide and a tube containing 
p-nitroso-dimethylaniline to absorb hydrochloric acid, Vernon and Whitby, J. Soc. 
Chem. Ind., 47, 257 (1928). 
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94. From 0.674 g of a mixture containing only MgCOa and BaCOg there was 
obtained 0.3117 g of CO 2 . Compute the percentages of MgO and of BaO in the 
mixture. 

95. The calcium in 0.9380 g of limestone is precipitated as CaC 204 and weighed 
as CaO. If the weight of the CaO is 0.2606 g, compute the volume of gas evolved 
during ignition, measured wet at 20° C and 765 mm pressure. Neglect the solu¬ 
bility of CO and CO 2 in water, and assume that the gram-molecular volume of each 
gas is 22.4 1 under standard conditions. 

96. If a sample of dry limestone contains 93.0 per cent of CaCOs, 5.16 per cent 
of MgCOs and 1.84 per cent of Si 02 , calculate the weight of ^Mime’^ obtained by cal¬ 
cining 3 tons of limestone and the percentages of CaO and MgO in the *‘lime’^ if it 
contains no CO 2 nor moisture. 

97. What weight of limestone should be taken for analysis such that the number of 
milliliters of CO 2 evolved on treatment with acid (measured dry at 18° and 763 mm 
pressure) will be the same as the percentage of CO 2 i)re8ent? 

98. Lime is to be made by heating a 8am[)le of dolomite containing 96.46 per 
cent of carbonates of calcium and magnesium, 2.21 per cent of Si02, L33 per cent 
of H 2 O, and 10.23 per cent of MgO, as carbonate. The product obtained by cal¬ 
cination contained all the CaO, MgO, and Si02 originally present with only 1.37 
per cent of CO 2 . Calculate the percentages of CaO and MgO in the calcined lime. 

99. A sample of limestone containing 34.75 per cent of Ca was analyzed by a 
student, using a 1 -g sample, and the value 35.26 per cent of Ca was reported. On 
the assumption that the error was due to the presence of a little CaCOs in the ignited 
calcium precipitate which the student assumed to be pure CaO, find the percentage 
of CaCOs in the ignited product. What volume of sulfuric acid (d.1.06) containing 
8.77 per cent of H 2 SO 4 by weight should be added to the product in order to convert 
it to sulfate? 
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THEORY OF ELECTROLYSIS. ANALYSIS OF BRASS 

In electrolytic analysis, the substance to be weip;hed at the end of the 
experiment is deposited upon one of the electrodes by the passage of an 
electric current through the solution which is being analyzed. Usually 
a metallic deposit is obtained upon the negative electrode, or cathode, 
but sometimes an oxide deposit of an element such as lead, manganese, 
uranium, or molybdenum can be obtained upon the positive electrode, 
or anode. Just as in gravimetric analysis it is necessary to know 
something about the theory of solutions with respect to precipitation 
in order to be able to work out intelligently the best conditions for 
obtaining pure precipitates and complete precipitation, so in electro¬ 
lytic work it is desirable to know how the electric current behaves 
toward solutions, and the effect of different strengths and of different 
voltages. It is necessary to know what happens when an electric cur¬ 
rent is passed through a solution. 

If the wires from the positive and negative poles of a suitable source of 
current are each connected with separate pieces of platinum wire or 
foil and suspended a little distance apart in a sugar solution or in 
chloroform, it will be found that the sugar solution or the chloroform is 
a very poor conductor. If, however, the pieces of platinum, called 
electrodes when they are used in this way, are suspended in dilute sul¬ 
furic acid, in dilute sodium hydroxide solution or in a solution of sodium 
chloride, these liquids will be found to be much better conductors of 
electricity, as would be shown by placing an ammeter in the circuit. 
On the basis of their behavior toward the electric current, the solutions 
of all soluble substances can be divided into two classes: those which 
conduct electricity well and those which do not. Substances which in 
aqueous solution conduct electricity are called electrolytes^ and to this 
class belong most acids, most bases, and nearly all salts; it is with these 
that electrolytic analysis is concerned. 

Faraday, who, at the beginning of the nineteenth century, was the 
first to give the names anode and cathode to the electrodes,* noticed that 

* It is true that in selecting these terms Faraday received considerable assistance 
from the eminent scholar,* Rev. William Whewell, D.D. (1794-1886), whose aid 
Faraday had solicited in 1833. Faraday published the names in 1834. 
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the components of the electrolyte migrated toward one or the other of 
the electrodes and called these components ions (wanderers). The 
component which moves toward the anode he called the anion and that 
which moves toward the cathode the cation. Faraday assumed that tSe 
electric current dissociated the substance into these ions, but we now 
know that the ions are already present in the solution and the con¬ 
ductivity of the solution is determined by (1) the number of ions present 
in the solution, (2) the electric charge which the ions bear, and (3) the 
rates at which the ions move through the solution. The passage of the 
current through the solution from one electrode to the other is a purely 
physical change involving merely the migration of the ions. When the 
electricity passes from the wire to the solution or from the solution to 
the other wire, a chemical change takes place, an oxidation at the anode 
and a redaction at the cathode. The two processes always take place 
simultaneously, and the oxidation at the anode is always equivalent to 
the reduction at the cathode. These oxidation and reduction reactions 
take place independently, and the conductivity of the solution may be 
due almost entirely to electrolytes present in the solution which take 
no part whatsoever in the chemical reactions at the electrodes. 

Ohm’s law: 


or 


C'urrent strength (amperes) — 


electromotive force (volts) 
resistance (ohms) 


I 


E 

H 


holds not only for the passage of electricity along a solid conductor 
(conductor of the first class) but also for the passage of electricity through 
the solution of an electrolyte (conductor of the second class). 

The ampere, or unit of current strength, is the current which will 
deposit 1.118 mg of silver in 1 second from a solution containing about 
15 g of pure silver nitrate in 85 ml of distilled water. 

The ohm, or unit for measuring resistance, is the resistance offered 
at 0° C by a column of mercury 106.3 cm long weighing 14.4521 g and 
being 1 sq mm in cross-section. 

The volt, or unit for measuring potential difference or electromotive 
force, is the force which produces a current of 1 ampere through a 
resistance of 1 ohm. Wlien two of these three factors are known the 
third can be computed by Ohm’s law. 

The deposition of a metal like silver from a solution of a silver salt or, 
in other words, the reduction of silver ions to metallic silver, depends 
upon the neutralization of the positive charges Borne by the ions by the 
negative electricity from the electrode. In terms of the electron theory^ 
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the passage of electricity along a wire represents a flow of electrons, or 
units of negative electricity, in a direction opposite to the arrow that is 
used conventionally to express the positive to negative direction of the 
current. At the cathode, these electrons leave the wire and attach 
themselves to something present in the solution causing a chemical 
reduction. 

Ag+ + c -> Ag 

Faraday found that the quantities of material deposited at the electrode 
in a unit of time are proportional to the current strengths used and the 
quantities of different substances deposited in equal lengths of time by 
the same current stand in the same relation to one another as do their electro¬ 
chemical equivalents. 

These electrochemical equivalents are oxidation and reduction 
equivalents. An atomic weight in grams of univalent metal ions like 
Ag+ carries a charge such that it requires a current of 96,500 coulombs 
(ampere-seconds) or 26.82 ampere-hours to deposit 1 atomic weight 
in grams of silver. The* same quantity of electricity will cause the 
deposition of only | gram-atom of copper from the solution of a cupric 
salt because the cupric ion is bivalent. Equations such as Ag'^ + 
€ = Ag and Cu'^'^ + 2 e = Cu signify that 1 atom of silver requires 1 
unit of negative electricity to change it from the ion to the metal and 
1 atom of copper requires 2 units of negative electricity to change it 
from the ion to the free metal. The quantity of electricity represented 
by 96,500 coulombs bears the same relation to the quantity of electricity 
corresponding to the electron that the gram-atom does to the actual 
atom; it is estimated to be 6.06 X 10“^ times as large. This enormously 
large figure is called Avogadro^s number and represents the number of 
actual atoms in a gram-atom. The value 96,500 coulombs or, since 
there are 3600 seconds in an hour, 26.82 ampere-hours, is called the 
faraday and is often designated with the letter F. The quantity of 
metal ion reduced by 1 faraday of electricity is the electrochemical 
equivalent.* The equation Cu"^ + 2 F —> Cu means that 2 faradays 
are required to change 1 mole of copper ions to metallic copper, f 

It should be mentioned, here, that the computation of the quantities 
deposited in accordance with Faraday's law will give values correspond¬ 
ing to those obtained experimentally only if all the current is used for 

* Some authorities call the electrochemical equivalent the quantity deposited or 
reduced by one coulomb of electricity. It is more convenient to define the equiva¬ 
lent as the quantity deposited by 96,500 coulombs. 

t In equations in which the letter F is used in this book, it will indicate the nega¬ 
tive electricity equivalent to 96,500 coulombs, and the other symbols will represent 
gram-atoms, or moles. 
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the discharge of the metal in question. This is often not the case for 
during an electrolysis some hydrogen gas is sometimes evolved before 
all the copper is deposited. The current yield or current efficiency is 
then less than 100 per cent with respect to the desired reaction. 

Two other units are of interest in connection with electrical measure¬ 
ments, the unit of work and the unit of power. The joule is the unit of 
work. It is equivalent to 10^ ergs or to 1 watt-second. The unit of 
power, used in commercial work, is the watt (or the kilowatt which is 
1000 watts), which represents work done at the rate of 1 joule per 
second. Multiplying the volts hy the amperage in any experiment gives 
wattsj and multiplying this by the time in seconds gives watt-seconds or 
joules. 

I^lectrolytic analysis had met with remarkable success before the 
significance of the electromotive force or potential was recognized. 
The positively charged cations during electrolysis are attracted toward 
the negatively charged cathode, but when the ions get to the electrode 
the cathode potential has a great deal to do with respect to the chemical 
reaction that takes place. The electrolytic solution pressure of the metal 
has to be overcome. 

When a substance like sugar lies as a solid at the bottom of a beaker 
filled with water, the molecules of sugar begin to distribute themselves 
in the water and the sugar dissolves. This tendency to dissolve may be 
regarded as a result of pressure exerted by the sugar molecules, and the 
solid is said to possess a solution pressure. Finally no more sugar will 
dissolve and the solution is saturated. There must then be some force 
which balances the solution pressure of the solid, and this force is the 
osmotic pressure which the dissolved substances exert in the solution. 
When the osmotic pressure is equal to the solution pressure, no more 
sugar will dissolve or, better stated, just as many molecules are precipi¬ 
tated as will dissolve during a given time. The process of dissolving 
sugar involves no electrical effect. 

Like the sugar, though usually to a far less degree, a metal has a 
tendency to send out its atoms into a liquid which is in contact with it. 
This tendency is called its electrolytic solution pressure, because the 
metal forms positively charged cations and the metal becomes nega¬ 
tively charged with respect to the solution. In order that the metal 
may dissolve, its electrolytic solution pressure has to overcome the 
osmotic pressure of any cations of the same metal that may be present 
and, in addition, the electromotive force that results from the oxidation 
of the metal and formation of the positively charged cation. The 
potential difference between a metal and a solution is a quantity which 
can be measured easily; it is called the oxidation potential of the metal. 
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The electrolytic solution pressure, on the other hand, cannot be measured 
directly; but if the oxidation potentials of various metals are measured 
against solutions of equivalent concentrations of the corresponding ions, 
in which it can be assumed that the osmotic pressures will be equal, 
these potentials will bear the same relation to one another as do the 
electrolytic solution pressures. Just as in determining the height of an 
object it is necessary to choose some zero level from which to measure 
height, in the same way it has been found advisable to choose arbitrarily 
a zero level from which to measure the oxidation potential; the usual 
standard of comparison is that of the hydrogen electrode. The zero 
potential, according to this standard, is that of an electrode consisting 
of a strip of platinum, upon which some platinum black has been de¬ 
posited electrolytically, half in pure hydrogen gas and half in normal 
sulfuric acid solution, which is assumed to furnish a molal solution of 
hydrogen ions. In accordance with this scale the oxidation potentials 
of some of the more common metals against molal solutions of their 
ions are: 


Original State 

Electrode Heaciion 

Redaction Poten 
E, ijc Volts 

Lithium. 

. Li = Li+ -f- A’ 

+ 3,03 

Potassium. 

. K = -> E+ + F 

4-2.93 

Sodium. 

. Na == -> Na+ + F 

+2.72 

Barium. 

. Ba - ->Ba< +4-2F 

+2.8 

Strontium. 

. Sr - Sr-^ + + 2 F 

+2.7 

Calcium . 

. .. . Ca = + 2F 

+2.G 

Magnesium. 

. , . . Mg = -> Mg++ + 2 F 

+ 1.55 

Aluminum. 

AI = + 3 F 

+ 1.34 

Manganese. 

.Mil = Mn^'^ 4- 2 F 

+ 1.08 

Zinc. 

. Zn = Zn-^+ + 2 F 

+0.76 

Iron. 

. Fe - Fe++ + 2 F 

+0.44 

Cadmium. 

... Cd = Cd++ + 2 F 

+0.40 

Cobalt. 

. Co = —► Co++ -f 2 F 

+0.23 

Nickel. 

. Ni = -► Ni-^+ + 2 F 

+0.22 

Lead. 

. Pb = -> Pb++ + 2 F 

+ 0.12 

Tin. 

. Sn = Sn++ + 2 F 

+0.10 

Hydrc^gen. 

. H = ->H+-|-F 

+0.00 

Copper. 

. Cu = -♦ Cu++ + 2F 

-0.34 

Silver. 

. Ag = -► Ag+ + F 

-0.80 

Gold. 

. Au = —> Au"^ H“ F 

-1.5 


In the table, the positive sign is given when the solution is positive to the metal. 
This is not the general practice among physicists, for if a (^ell is made up, as the 
Daniell cell, of copper dipping into molal copper sulfate at one electrode and zinc 
into molal zinc sulfate at the other electrode, a current will flow in the wire connect¬ 
ing the two strips of metal and the positive to negative direction will be from copj>er 
to zinc. The chemist, however, is used to considering solutions rather than wire 
and regards lithium and potassium as positive metals. He considers first the reaction 
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in the solution and thinks of the positive to negative direction of the current as from 
the zinc to the copper in the solution. W. D. Bancroft has called attention to the 
confusion that is likely to arise if the usage is not uniform, and A, A. Noyes has used 
the positive signs against the voltages at the top of the table and called it a table of 
Reduction [Potentials. This is perfectly logical. 


Nernst, who first suggested the above explanation of the origin of the 
electromotive force and its relation to osmotic pressure, worked out an 
equation showing how the potential of a metal against a solution varies 
with the concentration of the ions of that metal in a solution which is in 
contact with the metal. If the solution pressure is P, and the osmotic 
pressure is p, then in changing 1 gram-atom of a metal from the elec¬ 
trolytic pressure p the osmotic work will he J' V dp, and since the 
osmotic pressure follows the gas laws and pV = RT, we can say 


By integrating we get 


- RT f 

%J p t/ 


^dp 

V 


Osmotic work = PPlogc 


V 


The corresponding electrical work is nFE when n is the change in 
valence corresponding to the oxidation of the metal, P is the faraday or 
96,500 coulombs, and E is the observed potential difference. Hence 

nFE = KT log,- 
P 

In this equation, R = 8.316 when expressed in watt-seconds or 
joules. By dividing by 0.4343, the expression can be changed to read 
common logarithms and 


^ 8.316 XT , P 0.0001983 T, P 

^ 0.4343 X w X 96,500 p ~ n p 


or, in round numbers. 


„ 0.0002 r, P 

E = - iQg _ volts 

n p 


If we assume 18° as the laboratory temperature, T becomes 273 + 18 
= 291, and the Nernst equation becomes 


„ 0.058, P 

Pi8® —-log — volts 

n p 


Since in dilute solutions the osmotic pressure is proportional to the 
concentration, c, of the solution, it is clear that the value c can be used 
in the equation instead of p, and similarly the concentration C (hypothet¬ 
ical in many cases) which is equivalent to the electrolytic solution 
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tension can be substituted for P, and since the logarithm of a fraction 
is the logarithm of the numerator minus the logarithm of the de¬ 
nominator, 


^ 0.058, ^ 0.058, 

= - log C-log c 

n n 


The concentration, c, is usually expressed in moles per liter. When, 
therefore, the solution is molal with respect to a definite species of ions, 
c = 1, and since the logarithm of 1 = 0, the value of the negative term in 
the last equation becomes 0. In this way the values given in the table 
on p. 206 are obtained. If the value given in the table is called Po, 
then the value of Pi8» when the concentration of the solution is other 

than molal can be obtained by the expression Pig** = Po -log c. 

This expression can be used for computing the concentration of a so¬ 
lution when the electromotive force is known or for computing the 
electromotive force when the concentration is known. As the con¬ 
centration is decreased from molal to tenth-molal the potential of the 
metal against the solution of its ions is raised 0.058 volt if the ions 
are univalent, 0.028 volt if the ions are bivalent, and 0.019 volt if the ions 
are trivalent. 

The theory of electrolytic solution pressure applies to electrolytic 
decomposition when the reverse action takes place. To effect a re¬ 
duction of metal cations to metal, the oxidation potential or electrolytic 
solution pressure must be overcome. The actual decomposition po¬ 
tential required in electrolysis consists of the potential Pc required at 
the cathode and the potential Pa required at the anode for the libera¬ 
tion of oxygen or other oxidation that takes place. There is also the 
resistance of the electrolyte to be considered, which is usually negligible 
if the electrodes are near together and plenty of ions are present. The 
excess potential, P^, required to overcome the resistance of the solution 
depends upon the current strength for according to Ohrn^s law 

/ = ^ or Es = IR 


the potential P which the voltmeter shows when placed in circuit 
between the electrodes during electrolysis is 

P = Pc + Pa + /P 

and from this the current strength I can be computed 

_ P {Ec + Ea) 

^ R R 

which is Ohm^s law as it applies to electrolytes. 
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In the early days of electrolytic experiments, the chemist was usually 
content to know the difference in potential between the two electrodes, 
but recently more attention has been paid to the cathode potential. 
Since the total voltage required depends upon three independent factors, 
as shown in the equations just developed, it may happen that the 
cathode potential may change in a manner unfavorable for complete 
decomposition while at the same time the potential changes at the anode 
so that the total drop between the electrodes remains the same although 
the conditions become unfavorable at the cathode. 

It may be well to explain the measurement of the single cathode potentials. This 
usually depends upon the measurement of a potential difference between two single 
potentials of which one is known. The ordinary method of measuring a potential 
difference is Poggendorff’s compensation 7nethod. As source of current with a known 
and unchangeable ele('tromotive force, a standard cell such as the Weston cell is used. 
One pole of this cell consists of mercury in contact with mercurous sulfate and the 
other of cadmium in contact with cadmium sulfate. The salts of these metals are 
not contained in solutions of varying concentrations, as in ordinary cells, but are 
present as solids in contact with saturated solutions. The solution always remains 
saturated with both salts so that the difference in potential between the two poles 
remains the same. The positive to negative direction of the current is from the 
mercury to the cadmium in the wire. The potential of the (*ell is 1.0180 — 0.00038 
(t — 20) volt, t being the temperature w’heu the cell is in use. 

The measurement of the ele(‘tromotive force is (*arried out as follows: A circuit 
is established consisting of a storage cell or accumulator A, Fig. 29, and a wire BC 
of uniform cross-section and high resistance; there prevails lu the wire between one 
end of it, B, and any other point D, />', or C a 
certain drop in potential which can be measured 
with the aid of the standard cell. To do this, 
another electric circuit BGEDj containing the g 
standard cell E and a sensitive galvanometer G, 
is connected in such a way that the current in 
this second circuit flows in the opposite direction 
e to that of the other current which has the direc¬ 
tion a. Then by moving the sliding contact D along Fio. 29. 

the wire AC, a point will be found for which the 

galvanometer G shows the passage of no current. The drop in potential between B 
and D is equal to the electromotive force of the standard cell, namely 1.0186 volts 
at 20°. 

If, now, in place of the standard cell J?, an unknown electromotive force Ex is 
introduced and the sliding contact is moved to a point Z>' to make the galvanometer 
reading zero, then the unknown electromotive force Ex bears the same relation to 
that of the standard cell as the length of wire BD is to the length BD', that is 

BD' 

Ex - 1 . 0186 ^ 

To measure the single potential between a metal and a solution, it is necessary 
to use the metal in the solution as one electrode and to combine it with another 
electrode of known potential. Such an electrode is the normal calomel electrode, 
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one form of which is shown in Fig. 30. The bottom of the vessel is covered with a 
layer of pure mercury, about 0.5 cm deep; on top of this is a little calomel (Hg 2 Cl 2 ) 
which has been moistened with normal potassium chloride and triturated with a 
little mercury to form a paste, and then the vessel is filled wnth normal potassium 
chloride solution* which has been saturated with calomel by prolonged shaking. In 
the layer of mercury at the bottom, electrical connection is made by means of plati¬ 
num wire fused in the glass.f The poten¬ 
tial of the unknown electrode is measured 
with the calomel electrode as outlined 
above and from the result the known po¬ 
tential of the calomel electrode is deducted. 
It is assumed that the resistance of the so¬ 
lution can be neglected as well as that of 
the lead wires. 

The reaction between a metal and 
a solution is a reversible one, taking 
place in one direction when the metal 
dissolves and in the opposite direc¬ 
tion when the metal is deposited 
electrolytically. It follows the 
mass-action law, as the Nernst 
equation shows. Just as the table 
of solubility products shows how the 
ions can be separated by precipita¬ 
tion, so the table of electrode poten¬ 
tials gives information concerning 
the behavior in electrolysis. In the potential series table, the potential 
of cadmium in a molal solution of Cd"^ is given as +0.40 volt, of hydro¬ 
gen against molal it is 0.00, and of copper against molal Cu''"^, “0.34. 
This means that with respect to these three ions in electrolysis, 
copper is deposited most easily and cadmium least easily; the forma¬ 
tion of hydrogen gas from hydrogen ions is easier than the deposi¬ 
tion of cadmium but harder than the deposition of copper. Is it 

* The concentration of the potassium chloride solution is important because the 
potential of the calomel electrode varies with the concentration of the mercuric 
chloride owing to its effect upon the solubility and ionization of calomel and of 
the conductivity. Three concentrations of potassium chloride have been used: 
a saturated solution, a normal solution, and a tenth-normal solution. The potentials 


vary as follows: 

20^^ 25° 30° 

0.1 Normal. -0.3379 -0.3376 -0.3372 

Normal. -0.2860 -0.2848 -0.2836 

Saturated. -0.2496 -0.2458 -0.2427 


t Sometimes a narrow tube is used dipping in the mercury with a platinum wire 
at the bottom where the tube is sealed. 
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possible to deposit copper completely without getting any hydrogen 
gas liberated? 

The Nernst formula tells us that the discharge potential increases as 
the solution of copper ions becomes more dilute: — —0.31 — — 

log c, in which equation c is the molal concentration of copper ions and 

— 0.31 is the decomposition potential from a molal solution of copper 
ions. When less than 0.1 mg of copper is in solution, we may say that 
the deposition is complete. A concentration of 0.06 mg of copper in, 

say, 100 ml of electrolyte corresponds to c = 0.00001, and log c 

— —0.15 volt. Subtracting —0.15 volt from —0.31 volt gives —0.16 
volt, which shows that copper can be completely deposited, by con¬ 
trolling the cathode potential carefully, without any liberation of 
hydrogen gas from a molal solution of hydrogen ions. Experiment 
shows that this is true, although in an ordinary electrolytic experiment 
the solution b(^comes impoverished in copper ions in the vicinity of the 
cathode and the voltage used is sufficient to liberate hydrogen so that, 
unless the solution is very well stirred, some hydrogen gas is evolved 
before the last trace of copper is deposited; but by continuing the elec¬ 
trolysis a little longer, to give the copper ions time to reach the electrode, 
even this last portion is reduced. In general we may say that it is 
possible to effect a quantitative separation electrolytically, if the cathode 
potential is carefully watched with the aid of a calomel electrode, when 
there is 0.2 volt differeric;e in decomposition potential of the cations 
present. In an acid solution, no cadmium will be deposited because the 
decomposition potential of cadmium from a molal solution is +0.44 
and it is easier to discharge hydrogen ion. 

From an alkaline solution containing potassium cyanide, on the other 
hand, cadmium can be deposited in the presence of copper. In this 
case the cadmium is present as Cd(CN) 4 ~'' and the copper as 
Cu 2 (CN )6 . In normal potassium cyanide solution, the concen¬ 
tration of Cd in a molal solution has been estimated to be 10“^^, and of 
Cu to be Although the reduction potential of copper in a molal 

solution of cuprous ions is —0.51, it is —0.51 + 26 X 0.058 = 1.00 in 
the normal potassium cyanide solution whereas the potential of the cad¬ 
mium electrode is 0.44 + (17 X 0,029) = 0.93 volt. By making the 
solution a little stronger in potassium cyanide, a quantitative deposition 
of cadmium can be accomplished in the presence of copper. 

So far the discussion has been concerned almost entirely with cathodic 
deposition, but the same principles hold with respect to anodic oxida¬ 
tions. Some of the reactions that can be accomplished at the anode are: 
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2H20-^4H+ + 02T +4F 
Pb++ + 2H20~^Pb02 + 4H+ + 2F 
2Cr--^Cl2T +2F 
Cu->Cu++ + 2F’ 

Mn + 8 COs" + 4 H 2 O Mn 04 “ + 8 HC 03 “ + 1F 

The mass-action law and the Nernst equation come into consideration 
here as in the cathodic reductions. The decomposition voltages 
and the concentration relations and the nature of the electrode deter¬ 
mine the reaction that will take place under given conditions. 

The voltage series and the Nernst equation, moreover, apply to every 
reaction of oxidation and reduction. Just as a pell can be made con¬ 
sisting of metallic zinc in zinc*sulfate as one electrode and copper in 
copper sulfate us the other, so a cell can be made up, for example, with 
a platinum electrode dipping in a dilute acid potassium dichromate 
solution and platinum dipping in hydrogen sulfide water. The oxida¬ 
tion of the sulfide and reduction of the dichromate will take place in 
separate beakers if the electrodes are connected by external wires and 
electrical contact is maintained between the two solutions by means of a 
tube containing a neutral salt (salt-bridge). Then again, to show the 
application of the Nernst formula, a cell can be constructed with silver 
dipping in tenth-normal silver salt as one electrode and silver dipping in 
hundredth-normal silver nitrate as the other electrode. In the dilute 
solution, silver will dissolve; in the concentrated solution, silver will be 
deposited; and the positive to negative direction of the current in the 
wire will be from the concentrated solution to the dilute one. 

The following table shows some potentials of oxidation reactions other 
than those of dissolving metals: 


Original State Electrode Reaction E, in Volts 

. S~“--^S-h2F +0.51 

Cu+. Cu+ Cu++ + F -0.17 

I 2 (solid). I 2 + 12 OH“ 2 lOa* + 6 H 2 O + 10 F -0.21 

HgaChCsolid)... Hg^Ch + 2 Cr — 2 HgCk + 2 F -0.24 

OH"*.. . 40H"->02+ 2 H 2 O+4F -0.41 

Bra (liquid).... Bra + 6 OH~ -> BrOa" + 3 H 2 O + 5 F -0.51 

MnOj (sop) . .. MnOj + 4 OH“ — MnOi" + 2 HjO + 3 F -0.52 

Br"... Br“ + 6 OH" — BrOj" + 3 HjO + 6 f -0.60 

Fe++. Fe++ Fe+++ + F -0.75 

HA. HA -* O 2 + 2 H+ + 2 F -0.80 

CI 2 (gas). CU + 2 OH" = 2 HCIO + 2 F -0.85 

NO (gaa). NO + 2 H 2 O NO," + 4 H+ + 3 F -0.96 

Br". 2 Br" -> Brs 4- 2 F -1.08 

or. cr + OH" -> HCIO + 2 f - 1.10 

I, (soUd). Ij + 6 OH" — 2 lOr + 6 H+ + 10 F -1.19 
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Original State Electrode Reaction E, in VoUs 

Cr+++. Cr-H-t + 4 H 2 O — HCrOr -f 7 H+ -f 3 F -1.3 

cr . 2 cr = CI 2 (gas) + 2 F -1.35 

Pb++. + 2 H 2 O Pb02 -f 4 H+ + 2 F -1.44 

cr. cr -f H 2 O HCio + + 2 f ~ 1.51 

Mn++. Mn++ *f 4 H 2 O Mn 04 " + 8 -f 5 F -1.52 

MnOa (solid). .. MnOa + 2 IIsO Mn 04 “ + 4 H+ -f- 3 F -1.63 

Co+-»'. € 0 -^+ Co+++ + F -1.8 

CI 2 (gas). CI 2 + 2 OII~ -> 2 CIO" + 2H^-f2F -1.8 

O 2 (gas). O 2 4- H 2 O O 3 + 2 H+ -h 2 F -1.9 

F*". 2F~ = F 2 + 2F -1.96 


In using this and the preceding table of reduction potentials, it is 
necessary to remember that, when a cell is made up from any two of the 
elements in the tables, the positive to negative direction in the wire 
connecting the terminals will always be from the lowef to the higher 
member. Often an element can undergo several stages of oxidation. 
Thus iron can be oxidized to ferrous salt {E = +0.43), and the ferrous 
salt can be oxidized to ferric salt {E = —0.75). This shows that it is 
harder to oxidize the ferrous salt than the original iron; and, in fact, 
even hydrogen ions will accomplish the first oxidation. What will be 
the reduction potential of iron against a molal solution of ferric ions? 
To make this computation it is only necessary to remember that the 
work done is the same whether the oxidation takes place in one stage or 
in two stages and work is measured by multiplying the quantity of elec¬ 
tricity, in coulombs, by the voltage. In the first stage of the iron oxida¬ 
tion, 2 faradays are involved for each gram-atom of iron, and in the 
second stage only 1 faraday. We can say, therefore, when x is the 
unknown potential: 

2 F X 0.43 + F X (-0.75) = 3 F X x 
3x = + 0.11 a: = +0.037 

Current Density. — If too much current is used during an electrolysis, 
the deposit is likely to come down spongy and non-adherent. This is 
usually due to the fact that gas is being evolved at the cathode while the 
metal is being deposited because the solution becomes temporarily defi¬ 
cient in the ions of the metal which it is desired to del^ermine. The 
amperage used per 100 sq cm of electrode surface is call^ the current 
density and is usually designated by the symbol NDm, To prevent the 
formation of spongy deposits it was formerly customary to use a small 
current and electrolyze for a long period. To avoid the expenditure of 
so much time, it is necessary to use more current. The harmful effects 
of too high current density can be overcome by using more concentrated 
solutions, stirring the electrolyte, and using gauze electrodes with which 











214 THEORY OF ELECTROLYSIS. ANALYSIS OF BRASS 


considerable surface is exposed and the effect of stirring is promoted by 
allowing the electrolyte to move through the meshes of the electrode. 
Stirnng is usually accomplished by rotating one of the electrodes. 

Electrodes. — Various types of platinum electrodes have been recom¬ 
mended. F. A. Gooch has used with excellent success the outfit shown 



Fia. 32. 


in Fig. 31; the cathode is a 20-ml plati¬ 
num crucible which can make 800 revo¬ 
lutions per minute, and the anode is a 
platinum plate. A narrow strip of plati¬ 
num foil is soldered to the shaft and bent 
upward along the sides of the rubber 
stopper which holds the crucible, thus 
making electrical connection between the 
shaft and crucible. Very often a 125-ml 
platinum dish is used with electrical con¬ 
nection so that it serves as one of the electrodes as well as to contain 
the electrolyte. 

The outfit shown in Fig. 32 has been much used in Germany. Cl. 
Winkler recommended a cylindrical gauze electrode as cathode and 
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a stout platinum wire wound into a spiral as anode (Fig. 33), and these 
forms have become popular. Gauze anodes of similar size are also 
used. At the Massachusetts Institute of Technology the Braun elec- 



Fig. 34. 


trolytic apparatus (Fig. 34) is used with gauze cathodes and gauze 
anodes. 


Determination of Copper, Lead, and Zinc in Brass 

The best brass alloys contain very little tin, lead, iron, or nickel. In commercial 
laboratories, often the copper and lead contents are determined electrolytically and 
the zinc is determined by difference^ that is, by subtracting the percentages of copper 
and lead from 100 per cent. 

The following method of analysis, however, provides for the determination of 
copper, lead, tin, iron, and zinc and is capable of giving accurate results. 

Weigh 0.9-1.0 g of the alloy into a slender beaker of about 150-ml 
capacity. Add 12 to 15 ml of 6 iV nitric acid, cover the beaker, and heat 
gently till all the brass is dissolved. If a clear solution is obtained, no 
tin is present, and the solution after dilution is ready for electrolysis. 

If a white precipitate of metastannic acid forms, evaporate the solution just to 
dryness but do not bake the residue. Add 2 ml of 6 AT nitric acid, dilute with 25 ml 
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of water, and boil gently to dissolve the nitrates of copper and zinc. Filter off the 
metastannic acid, wash it with hot water, ignite in a porcelain crucible, and weigh as 
Sn02. 

Dilute the clear solution of the nitrates to 100 ml and boil gently for 
1 minute to remove any nitrous oxides. Wash down the sides of 
the beaker and the cover glass, and electrolyze with a current of 1-2 
amperes using a gauze cathode and a rotating anode. After the solution 
has become colorless, continue the electrolysis 10 minutes longer, adding 
1 g of urea and washing down the sides of the beaker. The electrolysis 
ought not to require more than 1 hour at the most. 

Wash the electrodes while lowering the beaker and while the current 
is still flowing. Dip them in alcohol and dry a very short time in the hot 
closet at 105°. The deposit on the cathode is pure copper, and that on 
the anode is lead dioxide, Pb 02 . 

To make sure that all the copper has been deposited, add a slight 
excess of ammonia to the entire solution. If a blue color is noticeable,* 
make acid with dilute sulfuric acid and electrolyze with clean electrodes 
until all the copper is removed. 

Test for Iron and Aluminum 

To the electrolyzed solution add a little bromine water, to make sure 
that any iron is in the ferric condition, and enough ammonia to dissolve 
the zinc hydroxide precipitate that may form at the neutral point. If 
any precipitate of ferric or aluminum hydroxide forms, filter it off. To 
make sure that no zinc hydroxide is in the precipitate, redissolve the 
precipitate in a little hot 2 N hydrochloric acid, dilute to 50 ml, and 
precipitate again by adding ammonia. Ignite and weigh the precipitate 
as Fe 203 . If there is any likelihood of aluminum being present, examine 
the ignited oxides as described on p. 193. 

DETERMINATION OF ZINC 

Procedure. — To the cold, acid solution of the zinc salt add ammonium 
hydroxide until the solution is barely acid to methyl orange. Care is 
necessary at this point, as zinc ammonium phosphate is soluble both in 
acids and ammonia. Dilute with water to a volume of 150 ml, and 
heat on the water-bath. To the hot solution, add 10 times as much 
ammonium phosphate as there is zinc present. (If the diammonium 
phosphate contains some monammonium phosphate, the salt should 
be dissolved in cold water and dilute ammonia added until the solution 
just becomes pink with phenolphthalein.) The precipitate that fit^t 

* A pale blue color may indicate the presence of nickel but usually is caused in 
brass analysis by a little copper which has escaped deposition. 
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forms is amorphous but it soon changes into fine crystals of zinc am¬ 
monium phosphate. The transformation takes place more rapidly in 
proportion to the quantity of ammonium salts present. After the 
heating has continued for about 15 minutes, remove the dish from the 
water-bath, and after the precipitate has settled for a short time filter 
off the precipitate into a Gooch or Munroe crucible, wash with hot, 
1 per cent ammonium phosphate solution until free from chloride etc., 
then twice with cold water, and finally with 50 per cent alcohol. Dry 
at 100-135° for an hour and weigh as ZnNH 4 P 04 , which contains 36.64 
per cent Zn. The precipitate can be washed and dried with alcohol and 
ether if desired (cf. p. 176). 

Or the precipitate may be weighed as the pyrophosphate, Zn 2 P 207 , 
in which case it is desirable to heat the dried zinc ammonium phosphate 
very slowly in an electric oven to 900-1000°. If such an oven is not 
at hand place the Gooch or Munroe crucible in a larger crucible and 
heat over the gas flame. Gradually raise the temperature until finally 
the full heat of the Teclu or M('ker burner is n^achcd. Heat to constant 
weight. Zn 2 P 207 contains 42.90 per cent Zn. 

Test the filtrate from the ZnNH 4 P 04 precipitate with ammonia and 
ammonium sulfide. If a small precipitate of white zinc sulfide is formed, 
filter it off, using a paper filter, ignite in a porcelain crucible, and weigh 
as ZnO. No sulfide precipitate will be formed if the above conditions 
were followed carefully. 

Remark. — Often so little lead is present that a larger sample is desirable. When 
the lead alone is desired it is better to electrolyze in the preseiu'e of more concen¬ 
trated nitric acid. Fischer and Schleicher* recommend the following procedure. 

Electrolytic Determination of Small Quantities of Lead in Brass 

Weigh out 3-4 g of brass into a 200-ml beaker and dissolve in 30 ml 
of 7.5 N HNO3. Dilute with 50 ml of water and heat till nitrous fumes 
are expelled. Add 8 ml of concentrated nitric acid and electrolyze at a 
volume of 85 ml with a current of 3 amperes at 60°. After 10 minutes 
all the lead will be deposited as Pb02 on the anode. Then, without 
removing the anode, dilute to 130-140 ml and electrolyze an hour longer 
at 20-30° with a current of 3-4 amperes. It is best to add 1 g of urea 
at the beginning and end of this last period as otherwise nitrous acid may 
cause the lead dioxide precipitate to dissolve. 

Home Problems 

100. A 100-watt, 110-volt incandescent lamp is connected in series with an electro¬ 
lytic cell. What weight of cadmium could be deposited from solution by the current 
in 30 minutes, assuming the resistance of the lamp to be unchanged? 


Elektroanalytiach SchneUmethode, 
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101 . What weights of Cu, of Zn, and of Pb 02 will be deposited in separate electro¬ 
lytic cells assuming 100 per cent current yield by a (current of 0.08 ampere flowing 
for 30 hours? 

102. What quantity of electricity is required for (a) the electrolytic deposition of 
1.196 g of Pb 02 ; {h) the liberation of 0.800 g of oxygen gas; (c) the liberation of 
30.0 ml of chlorine when measured under standard conditions? 

103. On the basis of 30 per cent current yield, compute the cost of the power 
required to produce 1 lb of NaMn 04 from a manganese anode and 0.3 N Na 2 C ()3 
solution. Emf = 8 volts. Cost of current = 3 cents per kilowatt-hour. 

104. Caustic potash is to be produced by the electrolysis of a solution of KCI, 
and a solution containing 100 g of KOH per liter is required. An average current 
of 900 amperes is used and, at the end of 5 hours, 102 1 of caustic potash solution 
have been produced, a small portion of which on analysis is found to be 1.52 N 
as an alkali. How much longer must the electrolysis be continued in order to pro¬ 
duce the desired concentration, and what is the current efficiency at the cathode? 

105. Pure crystals of Cu 804'5 H 2 O are dissolve^d in water and the solution is elec¬ 
trolyzed with an average current of 0.60 ampere. The electrolysis is contitiued for 
5 minutes after all the copper has been deposited, and it is found that a total volume 
of 62.5 ml of gas (II 2 and (b), metisured dry at 18° C and 745 mm pressure, has been 
evolved. What weight of crystals was taken for electrolysis? (Assume that all the 
copper is deposited before hydrogen is evolved.) How many milliliters of 0.1 N NaOH 
will the resulting solution neutralize? 

106. What weights of Cu from Cu 2 (CN) 2 , Cu from CUSO 4 , Zn from Zn(NH 3 ) 4 S() 4 , 
Ag from KAg(CN) 2 , Fe from FeCU, and Mn 02 from MnS 04 solutions can be de¬ 
posited at 100 per cent current efficiency by 0.08 ampere during 30 hours? 

107. The Cr in a sample of chromate weighing 1.12 g is determined with the aid 
of an Ilg cathode. If the sample does not contain over 80 per cent of Na 2 CK) 4 , and 
if 70 per cent of the current used is lost by evolution of 112, how long should the analy¬ 
sis be continued with a current of 0.11 ampere? 

108. The passage of 1 ampere-hour through a NiS 04 solution caused the deposition 
of 0.0342 electrochemical equivalent of Ni. If the rest of the current served to 
liberate H 2 at the cathode, compute its volume at 27° and 750 mm pressure. 

109. After the Cu was all deposited from a solution of pure CuS 04-5 H 2 O crystals 
in water, the electrolyte required 60.0 ml of 0.5 N NaOH for neutralization. If the 
electrolysis was prolonged so that the final current efficiency was only 40 per cent, 
compute (a) the actual time of electrolysis with a current of 0.12 ampere, (h) the 
weight of Cu deposited, (c) the weight of blue vitriol used, (d) the volume of H 2 
evolved at 27° and 750 mm, and (e) the volume of O 2 evolved under the same con¬ 
ditions. Compute the percentage error if the gases were measured over water (dis¬ 
regarding the solubility of the gas in water). 

110. A concern plates 10,000 spoons daily, depositing 5 g of Ag on each spoon and 
using an emf of 4 volts. With a current efficiency of 88 per cent and a cost of 
5 cents per kilowatt-hour, compute the monthly bill (25 days) for electrical energy. 

111 . To check up the current efficiency of a process for depositing Cd, the cell was 
placed in series with a gas coulometer. During the time that 1.786 g of Cd was 
deposited, 720 ml of wet 112 gas was evolved, measured at 17° and 770 mm pressure. 
Calculate the current efficiency. 

112. If the reduction potential of Fe°/Fe'^ is 4 -0.43 in molal solution and Fe°/ 
ig -1-0.04, compute the value of Fe'^^/Fe’’'^'*'. 
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CHAPTER I 

ANALYSIS OF SILICATES 

Preparation of the Substance for Aiialysis 

Break up large pieces of rock on a thick steel plate with a specially 
hardened surface and a similarly hardened pounder, such as street 
pavers use. Place the small fragments in a “ diamond ’’ mortar or in 
one like that shown in Fig. 35. It is made of chilled and case-hardened 
tool steel. The dimensions of the block A are 12.5 
by 12.5 by 6 cm and there is a depression in the center 
0.6 cm deep. The pestle B is 20 cm high, and the 
diameter at the base is 3.5 cm. The cylinder C is 
12.5 cm tall and of 5-cm outside diameter accurately 
fitting the depression in the block. Unlike the ordi¬ 
nary diamond mortar, the pestle has a smaller 
diameter than the inside diameter of the cylinder, 
which is 4.4 cm. The crushing is done with the 
pestle, without the aid of a hammer. With this 
mortar most of the sample can be reduced fine 
enough to pass through silk bolting-cloth. 

A finer powder can be obtained by hand grinding in an agate mortar 
but the McKenna ore grinder shown in 
Fig. 36 is more economical in the long run. 

A is a copper cup soldered to the head of 
the pestle holder and assumes, without 
friction, the motion of the latter. R is a 
tin plate with deep sinus and is covered by 
the rubber cloth C which fits closely about 
the metal shaft. These attachments A, 

R, and C prevent oil and dust from the 
belts and bearings from entering the mor¬ 
tar. The spring at the top of the sliding 
rod, to which the agate mortar is attached 
at the bottom, can be adjusted to give any 
desired pressure or can be thrown back to 
allow the pestle to be raised in removing 
the agate mortar. The pestle makes about 200 revolutions per minute 
and the mortar moves slo^/>ly in the same direction. The scraper keeps 

221 



Fig. 36. 





222 


ANALYSIS OF SILICATES 


the material in the center, and the combined rolling and sliding motion 
reduces the hardest ore very quickly. 

Do not attempt to grind too much at one time, and frequently sift 
through silk bolting-cloth to prevent as much as possible contami¬ 
nating the sample by abrasion and loss of moisture by the heat of grind¬ 
ing. Prepare at least 5 times as much sample as is needed and make 
sure that all the powder is included; it is never admissible to take only 
the powder that passes through the sieve the first time. Mix well by 
rolling on a sheet of glazed paper, rubber, or oilcloth. A corner of the 
sheet is lifted and drawn across, low down, in such a way that the ma¬ 
terial is made to roll over and over and does not merely slide along. The 
sample should be rolled back and forth along each diagonal for 100 times 
or more. Then the sample may be spread out into squares and a little 
taken from each square. Finally mix the sample chosen. 

Weighing the Substance. — It has been customary to dry the powder 
before weighing at 100-110° until a constant weight is obtained. If 
there is danger of losing combined water by this procedure, it has been 
recommended to dry the powder in a vacuum over concentrated sulfuric 
acid. The practice of drying the substance in either of the above ways 
is, however, to be discountenanced. It is far better to use the air-dried 
substance for the analysis, and to determine the moisture in a separate 
sample. This is more accurate, because the dry silicfite powder is hy¬ 
groscopic, so that a portion weighed out today is likely to contain a 
different amount of moisture from one taken tomorrow, and this is not 
the case when the air-dried powder is taken for the analysis. Further, 
as Hillebrand had conclusively shown, chemically combined water is 
likely to l^e expelled not only by heating at 100° but also by drying in a 
vacuum over sulfuric acid. This is particularly true of the zeolites. In 
orthoclase, however, only about 0.1 per cent of moisture is present, 
so that in this particular case accurate results will be obtained by either 
method. 

For the analysis weigh out 2 portions of about 0.5 g each. The first 
serves for the determination of Si02, AI2O3 + Fe 203 , CaO, and MgO; 
the second for that of the alkalies. 

Fusion with Sodium Carbonate 

Fuse 0.5 g of the very finely powdered substance in a platinum cru¬ 
cible with 3 g of sodium carbonate. The powdered silicate should be 
intimately mixed with the flux and a little sodium carbonate sprinkled 
on top. Heat the covered crucible at first over a small flame to drive 
out any moisture present. Gradually raise the temperature until 
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finally the highest heat of a good Teclu or M6ker burner is obtained. 
As soon as the mass melts quietly and there is no further evolution of 
carbon dioxide, the decomposition is complete. Wind a piece of plati¬ 
num wire into a spiral and insert it into the fused mass. Remove the 
flame and allow the crucible to cool in the air somewhat and then play 
a stream of water upon the outside of the crucible. As soon as the 
crucible does not hiss when the water strikes it, quickly introduce 
enough water into the crucible to cover the melt. After about a min¬ 
ute carefully pull on the wire; usually the melt can be withdrawn 
from the crucible. If it does not come out easily, it can often be 
loosened by carefully heating the crucible.* Place the melt in a 300-ml 
casserole, add 25 ml of water, cover the casserole, and carefully add 
25 ml of 6 N hydrochloric acid. A lively evolution of carbon dioxide 
at once takes place, but as the silicic acid separates, the inner part of 
the cake gradually becomes coated with a film of silicic acid which 
protects it from the further action of the acid. Consequently it is 
necessary to break up the cake from time to time, by means of a glass 
rod, until finally there is no further evolution of a gas and no more hard 
lumps remain. When manganese is present the melt; is colored green 
with manganate and the solution is pink at first with permanganate but 
the latter gradually decomposes during the subsequent heating. After 
the evolution of carbon dioxide has nearly ceased, wash off the under 
side of the watch glass, raise it by placing a glass triangle under it, and 
evaporate to dryness. Heat the residue for at least an hour in the hot 
closet at 120-130°, to dehydrate the silica. 

Moisten the dry powder with concentrated hydrochloric acid, and 
allow the covered dish to stand for 10 minutes at the ordinary tempera¬ 
ture in order that basic salts and oxides formed during the evaporation 
and drying may be once more changed to chlorides. Then warm gently, 
dilute with 100 ml of water, heat to boiling, and, after the silicic acid 
has been allowed to settle, filter through a well-fitting paper filter. 
Wash the residue 3 or 4 times by decantation, with hot 2 N hydrochloric 
acid, then transfer to the filter and wash with hot water until free from 
chloride. Place the precipitate in a platinum crucible and set aside for 
the time being. The separation of the silicic acid is not quite complete; 
as much as 2 mg may remain in the filtrate. To remove this, once 
more evaporate the solution to dryness on the water-bath, and again 
heat at 120-130°, for an hour, moisten the residue with 5 ml of con¬ 
centrated hydrochloric acid, and allow to stand not more than 15 

* If the fusion cannot be removed from the crucible, place it, together with its 
cover, in the beaker, and treat with dilute acid as described. 
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minutes.* Warm, dilute to 100 ml, boil and filter through a new and 
correspondingly small filter, washing with hot 2 N acid and with water 
as before. Combine this filtrate with that previously obtained and 
analyze it for Fe 203 , AI 2 O 3 , CaO, and MgO as described on p. 193. 
Ignite the wet filters containing the silica in a platinum crucible. Keep 
the temperature low till all the carbon is consumed, and do not allow 
the filter to catch fire. Finally cover the crucible, and ignite over the 
blast lamp or over a Meker burner. 

Remark. — It is not advisable to use suction in filtering silicic acid. If the pre¬ 
cipitate is allowed to dry before placing it with the filter in the crucible there is 
danger of losing some of the fine powder. The heating at 120° decreases the solubility 
of the silica in acid but this temperature should not be exceeded. Magnesia at a 
higher temperature recombines with silica, and iron and aluminum oxides are formed 
in a condition hard to dissolve. 

Testing the Purity of the Silica 

The sifica thus obtained is never absolutely pure, except in the analy¬ 
sis of a water-glass. Its purity must always be tested. For this pur¬ 
pose cover it with 2 ml of water ;t add a drop of concentrated sulfuric 
acid and about 5 ml of pure hydrofluoric acid. Place the crucible in 
an air-bath and evaporate under a good hood until no more vapors are 
expelled. Then remove the excess of sulfuric acid by heating over a 
free flame. Raise the temperature gradually and finally heat the cruci¬ 
ble over a blast lamp or Mtiker burner, and again weigh. Repeat the 
treatment with sulfuric and hydrofluoric acids, without adding any 
more water, until the contents of the crucible (usually AI2O3, Fe 203 , 
Ti02, Zr02, y205, P2O5, etc.) are at a constant weight. Deduct this 
amount from the weight of impure silica and add it to the precipitate 
obtained with ammonia in the subsequent analysis. The precipitate of 
Fe 203 , AI2O3, etc., should then be tested for Si02 by fusing the weighed 
precipitate with KHSO4, treating the melt with dilute sulfuric acid, 
filtering, and testing the residue with hydrofluoric acid. 

A great many silicates are incompletely decomposed, if at all, by direct treatment 
with hydrochloric acid in an open vessel. Inasmuch as it is necessary to test the 
purity of the silica by treatment with sulfuric and hydrofluoric acids, it might seem 
unnecessary to try to get a pure silicic acid residue before applying this treatment. 
Undecomposable silicates are likely to contain some alkali and alkaline-earth metal 
as well as iron and manganese in combination with silica. When such a silicate is 
treated with sulfuric and hydrofluoric acids, the alkali and alkaline earths are left 

* By being kept in contact with the acid for too long a time some silicic acid will 
go into solution. 

t If the water is not added, the mass will effervesce so strongly that there is danger 
of losing some of the impure silica. 
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as sulfates, the iro^i is left as Fe 203 , and the manganese as Mn304. Moreover, boron 
is volatilized as BFs. Only when the silica is nearly pure and when the impurities 
are left as oxides in the same state of oxidation as at the start, and no other volatile 
constituent is present, does the loss in weight upon treatment with hydrofluoric 
and sulfuric acids represent the silicon content. If the silicate is only partly de¬ 
composed with acid it should be treated as an insoluble silicate. 

Determination of the Alkalies 

Method of J. Lawrence Smith* 

Principle. — The substance is heated with a mixture of 1 part ammonium chloride 
and 8 parts calcium carbonate. By this means the alkalies are obtained in the form 
of chlorides, while the remaining metals are for the most part left behind as oxides 
(silicates and aluminates), and the silica is changed to calcium silicate, as represented 
by the following equations: 

CaCOj + 2 NlLCl CaCLi + 2 NIL + HoO -f CO 2 
2 KAlSiaOs -f- CaCb “}~ 0 CaCOs —G CaSilL -f- Ca(A102)2 “k 2 JvCl 4~ 6 CO 2 

The alkali chlorides together with the excess calcium chloride can be removed 
from the sintered mass by leacdiing with water, while the other constituents remain 
undissolved. 

Preparation. — The ammonium chloride necessary for the determination is pre¬ 
pared by subliming the commercial salt; the calcium carbonate by dissolving the 
purest calcite obtainable in hydrochloric acid and precipitating with ammonia and 
ammonium carbonate. Carry out this last operation in a large porcelain dish. 
After the precipitate has settled, pour ofif the clear solution and wash the precipi¬ 
tate by decantation until free from chlorides. The product thus obtained contains 
traces of alkalies, but the amount present can be determined once for all by a blank 
test and a corresponding deduction made from the results of the analysis; it is usu¬ 
ally sodium chloride and amounts to 0.0012-0.0016 g for 8 g calcium carbonate. 
The decomposition was performed by Smith in a flnger-shaped crucible about 8 
cm long and with a diameter of about 2 cm at the top and IJ cm at the bottom. 
Such a crucible is suitable for the decomposition of about 0.5 g of the mineral. A 
larger quantity can be analyzed in a somewhat wider crucible. 

Filling the Crucible. — Mix 0.5 g of the mineral with an equal quan¬ 
tity of sublimed ammonium chloride by trituration in an agate mortar, 
add 3 g of calcium carbonate, and intimately mix again. Transfer 
the mixture to a platinum crucible with the help of a piece of glazed 
paper, rinse the mortar with 1 g of calcium carbonate, and add this to 
the contents of the crucible. 

The Ignition. — Place the covered crucible in a slightly inclined 
position and heat gradually over a small flame until no more ammonia 
is evolved (this should take about 15 minutes). During this part of the 
operation the heat should be kept so low that ammonium chloride does 
not escape. The latter is dissociated into ammonia and hydrochloric 

* Am. J. Sci. [2], 50, 269, and Ann. Chem. Pharm.f 159, 82 (1871). 
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acid by the heat, and the acid unites with the calcium carbonate to 
form calcium chloride. It is possible to decompose the silicate by 
using calcium chloride alone. Gradually raise the temperature until 
finally the lower three-fourths (and no more) of the crucible is brought 
to a dull red heat, and maintain this temperature for 50-60 minutes. 
Then allow the crucible to cool; the sintered cake usually can be re¬ 
moved by gently tapping the inverted crucible. Should this not be 
the case, digest a few minutes with water, which serves to soften the 
cake so that it can be readily washed into a large porcelain, or, better, 
platinum dish. Heat the covered dish, with 50-75 ml of water for 
half an hour, replacing the water lost by evaporation and reducing 
the larger particles to a fine powder by rubbing with a pestle in the dish. 
Decant the clear solution through a filter and wash the residue 4 times 
by decantation, then transfer to the filter and wash with hot water 
until a few cubic centimeters of the washings give only a slight turbidity 
with silver nitrate. To make sure that the decomposition of the min¬ 
eral has been complete, treat the residue with hydrochloric acid; it 
should decompose completely, leaving no trace of undecomposed min¬ 
eral. The acid usually gelatinize silica; the formation of a gelatinous 
precipitate does not indicate incomplete decomposition. 

Precipitation of the Calcium. — To the aqueous solution add 50 ml of 
ammonium carbonate reagent, heat nearly to boiling, and filter. Evapo¬ 
rate the filtrate to dryness in a porcelain or platinum dish, heat the 
contents of the dish for an hour in a drying-oven at 110°, and remove 
ammonium salts by careful ignition over a moving flame. After cooling, 
dissolve the residue in a little water and remove the last traces of cal¬ 
cium by the addition of ammonia and ammonium oxalate to the hot 
solution. After standing 12 hours, filter off the calcium oxalate and 
receive the filtrate in a weighed platinum dish, evaporate to dryness, 
and gently ignite. After cooling, moisten the mass with hydrochloric 
acid to transform any carbonate into chloride, repeat the evaporation 
and ignition, and determine the weight of the dish and its contents; 
this shows the amount of alkali chloride present. 


Separation of Sodium and Potassium 

The separation of the alkali cations from one another is somewhat of a problem 
because most salts of the alkalies are fairly soluble in water. The elements lithium, 
rubidium, and cesium are not present in common minerals to an appreciable extent 
80 that ordinarily the chemist is concerned chiefly with the determination of only 
sodium and potassium. In general, it may be stated that the compounds of rubidium 
and cesium resemble those of potassium, and when a potassium salt is less soluble 
than the corresponding sodium salt, the rubidium salt will be still less soluble and 
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the cesium salt least soluble of all. The relationship between increasing atomic 
weight and solubility helps one to remember the relative solubilities. 

The salts of potassium whi(*h are distinctly less soluble than the corresponding 
sodium salts, and which have been proposed for the identification and determination 
of potassium ions, are the chloroplatinate, KaPlCIe, the perchlorate, KCIO 4 , the 
cobaltinitrite, K 2 NaCo(N 02 )o, the acid tartrate (cream of tartar), KHC 4 H 4 O 6 , and 
the double sulfate with zirconium, 2 Zr 02 -K 20 *(S 03 ) 2 . The first of these compounds, 
potassium chloroplatinate, is practically insoluble in alcohol whereas the anhydrous 
sodium chloroplatinate dissolves in alcohol. By adding sufficient chloroplatinic 
acid, H 2 PtClfi, to combine with both the sodium and potassium and evaporating to 
dryness, it is possible to convert a mixture of sodium and potassium chlorides into 
one of chloroplatiriates and then the sodium chloroplatinate can be dissolved in 
alcohol leaving behind the potassium chloroplatinate which can be dried and weighed. 
This method is perhaps the oldest and best known for separating sodium and potas¬ 
sium. It is still widely used but is costly, owing to the high price of platinum and 
the time required to recover this element from the precipitates and mother liquors. 
Moreover, the composition of the i)recipitate does not always correspond exactly 
to the formula, K 2 PtClf,. The method is not as accurate as is sometimes assumed. 

The separation by means of sodium (‘obaltinitrite reagent has received considerable 
attention in the literature. The precipitate of potassium cobaltinitrite is much less 
soluble than is potassium chloroplatinate, it can be weighed as K 2 NaCo(N 02 ) 6 T the 
cobalt content can be determined ele(‘trolytically, or the nitrite content determined 
by oxidation with permanganate. The cobaltinitrite method for separating potas¬ 
sium and sodium was recommended by de Koninck* and since then many chemists 
have testified to its usefulness. The reagent, however, is not very stable, and the 
composition of the precijiitate is not always the same. 

The precipitation of potassium by zirconium sulfate in a concentrated, neutral, 
aqueous solution has been recommended and furnishes a means of separating sodium 
and potassium which is a promising one. According to Reed and Withrowf the 
precipitation of potassium can take place in the presence of sodium, ammonium, 
lithium, rubidium, and cesium ions, but this statement is contradicted by Yajnik and 
Tandon,! who have found it possible to precipitate rubidium and oesium quantita¬ 
tively by means of zirconium sulfate in a neutral solution. 

A method often used for estimating the sodium and potassium content in a weighed 
portion of their chlorides is to determine the chloride content by titration with silver 
nitrate solution or by adding a measured volume of silver solution and titrating the 
excess silver with thiocyanate solution (cf. p. 134). This method is rapid but not 
altogether satisfactory because the chloride content of potassium chloride does not 
differ sufficiently from that of sodium chloride; any error in the titration is mul¬ 
tiplied nearly eight-fold in estimating the composition of the original mixture. 

Probably the most reliable method for analyzing a mixture of sodium and potas¬ 
sium chlorides is the modification of the perchlorate method which has been worked 
out by H. H. Willard** and his associates. The mixture of chlorides is converted 


* Z. anal Chem„ 20, 390 (1881). 
t J. Am, Chem, Soc,, 61, 1062 (1929). 
t J. Indian Chem, Soc„ 7 , 287-96 (1930). 

** Willard and Smith, J, Am. Chem. Soc.^ 44 , 2816 (1922); G. F. Smith, ibid., 
47 , 762 (1925); Smith and Ross, ibid., 47 , 774, 1020 (1925); WUlafd and Smith, 
ibid., 46 , 293 (1923). 
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into one of perchlorates by evaporation with perchloric acid, the sodium perchlorate 
is extracted with a mixture of ?^-butyl alcohol and ethyl acetate, and the potassium 
perchlorate dried and weighed. The sodium content can be determined from the 
original weight of the mixture after deducting a weight of potassium chloride equiva¬ 
lent to that of the potassium perchlorate found, or the filtrate from the potassium 
perchlorate precipitate can be evaporated to remove the ethyl acetate and the sodium 
precipitated as chloride by adding a solution of hydrogen chloride in butyl alcohol. 

Procedure. — If the solution to be analyzed contains sulfate, it is 
advisable to remove it. To about 70 ml of solution (containing not 
more than 0.5 g of potassium salt) add 1 ml of concentrated hydro¬ 
chloric acid, heat to a gentle boil, and add hot 0.5 N barium chloride 
solution drop by drop until no further precipitation occurs. Wait 15 
minutes; filter off the barium sulfate and wash it with hot water. 

If ammonium salts are present, evaporate to dryness in a porcelain 
dish and ignite carefully till all ammonium salts are decomposed. Cool, 
rinse down the sides of the dish with a little water, again evaporate, and 
ignite at a temperature below redness. Dissolve the residue in about 
20 ml of water and transfer to a 150-ml Pyrex beaker. 

To the solution of chlorides add 2 or 3 times as much of 9 W perchloric 
acid as is theoretically necessary to convert the chlorides to perchlo¬ 
rates (not less than 1 ml in any case). Evaporate to dryness on the 
hot plate, at a temperature not exceeding 350°, and expel any acid con¬ 
densed on the side walls of the beaker by playing a free flame against 
the outside. Cool, wash down the sides of the beaker with 3 to 5 ml of 
hot water, and again evaporate to dryness on the hot plate. Cool; 
add 10 to 20 ml of a mixture of equal parts by volume of n-butyl alco¬ 
hol and ethyl acetate. Digest near the boiling point* for 2 or 3 min¬ 
utes and then cool to room temperature. 

Decant the liquid through a previously ignited and weighed Gooch 
or Monroe crucible and wash the precipitate 3 times by decantation 
with 5-ml portions of the alcohol-acetate mixture. Reserve the fil¬ 
trate and washings if it is desired to make a direct determination of 
sodium. 

Dissolve the residue in the crucible with a very little hot water, catch¬ 
ing the solution in the original beaker. Again evaporate to dryness. 
Add 10 ml of the butyl alcohol-acetate mixture; digest and cool as 
before. Filter through the original crucible, which has been dried 
meanwhile. Transfer the precipitate to the crucible and wash 10 to 16 
times with less than 1-ml portions of the alcohol-acetate mixture. Dry 
the beaker and brush any particles of potassium perchlorate into the 

* Be careful about using a free flame because if the combustible vapors catch fire 
a dangerous explosion will result. 
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crucible. Dry an hour at 110° and 15 minutes at 350°. Cool and 
weigh as KCIO4. 

To determine the sodium, evaporate the combined filtrates and wash¬ 
ings till the volume is not over 20 ml at the most and all the ethyl acetate 
has been removed. Heat to 80 to 90°, and add drop wise, with stirring, 
2 ml of a 20 per cent solution of hydrogen chloride in r/-butyl alcohol 
(prepared by passing dry hydrogen chloride into 200 ml of butyl alcohol 
for 2 hours; the density of the solution is 0.905). Then add 6 ml more 
of the HCl-alcohol solution, cool to room temperature, filter off the pre¬ 
cipitated sodium chloride, and wash 8 or 10 times with 1-ml portions 
of 6 to 7 per cent solution of hydrogen chloride in butyl alcohol. Dry 
15 minutes at 110° and then for 5 minutes at 600°. Cool and weigh as 
NaCl or dissolve the salt in water and titrate the chloride (see p. 134). 


Home Problems 

1 . A silicate weighing 1.47 g yielded 0.()85 g of FeoOs and AI 2 O 3 . This residue 
was digested with a little 3 N HCI until dissolved and the solution treated with 
exactly 60 ml of 0.125 N SnCh. The excess of SnCh reacted with 8 ml of iodine solu¬ 
tion. Forty milliliters of the I 2 solution are equivalent as oxidizing agent to the 
permanganate required to oxidize GO ml of K tetroxalate solution which is 0.1 as an 
acid. Find the percentage of FcO and AhOa in the mineral, assuming all Fe to be 
originally in the ferrous state. 

2 . A sample of Cu ore carrying metallic Cu was prepared by crushing 94 g until 
all but 9.23 g had passed through a 120 -me 8 h sieve. The residue on the sieve con¬ 
tained 93.2 per cent Cu, and the powder assayed 20.38 per (;ent Cu. Find the per¬ 
centage of Cu in the ore. 

3. What volume of 6 W H 2 F 2 is absolutely necessary for the volatilization of 
all the Si in 0 .G 8 g of pure feldspar, KAlSiaOg? What volume of SiF 4 measured at 
24° C and 745 mm pressure is produced? 

4. What is the empirical formula of a mineral containing 3.37 per cent HoC, 
19.10 per cent AI2O3, 21.0 per cent CaO, and 56.35 per cent SiO^? 

Which of the following symbols are possibly correct? BesAb (Si 0 . 3 ) 6 ; IICasBAb- 
Si 40 i 6 ; HCa2AbSi.30i6; H4SrAl2Sir.On. 

5. Using 0.500 g of pure NaKCaSiaOs, what would be the cost of the perchloric 
acid at $18 per liter for 3 N HCIO4 and of Pt at $6 per gram assuming that 5 per cent 
more of each is added than is necessary to combine with both Na and K? Assuming 
that 50 such analyses are to be made, how much would be saved by using the cheaper 
method (KCIO4 or K 2 PtCl 6 precipitation)? 

6. On the basis that no atom is united directly with another of the same kind, 
write possible structural symbols for sulfuric acid, sodium pyrosulfate, borax, 
Be 8 Al 2 (Si 03 ) 6 , sodium hypophosphite, and sodium pyrophosphate. 

7. A mineral contains 4.36 per cent H 2 O, 27.13 per cent CaO, 24.69 per cent 
AI 2 O 3 , and 43.82 per cent Si02. Compute the empirical formula, and write a struc¬ 
tural symbol for it. 

8. From 0.5 g of feldspar, a mixture of pure NaCl and KCl weighing 0.15 g and 
containing 55 per cent Cl was obtained. Compute the percentage of KjO and of 
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Na 20 and the weight of K 2 PtCl 6 which could be obtained fr 9 m the KCl by precipita¬ 
tion with H 2 PtCl 6 . 

9. From 0.48 g of a mixture of pure NaCl, KCI and LiCl, which in turn was 
prepared from 1.600 g of a silicate, a solution was obtained which contained chloride 
equivalent to 90 ml of ninth-normal AgNOs and K equivalent to 0.1052 g K 2 PtCle. 
Compute the percentage of Na20, K 2 O, and Li20 in the silicate. 



CHAPTER II 

DETERMINATION OF PHOSPHORUS IN STEEL 


Phosphorus is present in all kinds of iron and steel as well as in the various alloys 
used in steel-making. In general, it is detrimental, and the permissible quantities 
are usually defined rigidly in specifications of material. Phosphorus is sometimes 
added intentionally in the manufacture of sheet steel to prevent the sheets from stick¬ 
ing together during the rolling process. 

The phosphorus content of most steels lies between 0.01 and 0.1 per cent, ingot 
iron contains less than 0.01 per cent, and wrought iron usually between 0.1 and 0.2 
per cent. In most steels it exists as a solid solution of iron j^hosphide, FeaP, in iron; 
but in many samples of cast iron, free iron phosphide is found. In wrought iron and 
in some low-carbon Bessemer steels it is possible that a little phosphate may exist. 

The presence of too much phosphorus in steel is likely to cause brittleness; the 
metal is likely to break when subjected to sudden stress. 

All methods for determining phosphorus in iron and steel are based upon the 
preliminary oxidation of the phosphorus to phosphoric acid. Practically all phos¬ 
phates except those of the alkali metals are insoluble in water, but the phosphoric 
acid obtained in the chemical examination of iron and steel is usually precipitated 
first as ferric phosphate or as ammonium phosphomolybdate. 

The gravimetric methods are based upon the separation of the phosphoric acid 
from at least the greater part of the iron by precipitation either as ammonium 
phosphomolybdate or as ferric phosphate; in the latter case the greater part of the 
iron is reduced to the ferrous condition after the complete oxidation of the phosphorus 
and enough is left in the ferric condition so that in carrying out a basic acetate sepa¬ 
ration all the phosphonis is precipitated as ferric phosphate and the excess ferric 
iron as basic ferric acetate. From his study of qualitative analysis, the student is 
already familiar with this method of separating phosphate from bivalent cations. 
The basic ferric acetate precipitate can be dissolved in dilute hydrochloric; acid, and 
the precipitation of ferric hydroxide or of ferric phosphate by neutralization with 
ammonia can be prevented by adding considerable citric or tartaric acid. Then on 
adding “magnesia mixture” to the ammoniacal solution (cf. p. 189) a precipitation 
of magnesium ammonium phosphate can be obtained. This method of analysis has 
been recommended but today is seldom used because it is tedious and does not yield 
better results than are obtained by other, more convenient procedures. 

To separate a small quantity of phosphoric acid from a large quantity of iron, it is 
customary to precipitate the former as ammonium phosphomolybdate by adding, 
ammonium molybdate reagent to the nitric acid solution. The yellow precipitate 
is least soluble in dilute acids containing considerable dissolved salt. The dry pre¬ 
cipitate weighs about 61 times as much as the phosphorus it contains, as is evident 
from its formula which is usually written (NH 4 ) 8 P 04*12 MoOs. The student who 
has determined the phosphorus content of apatite (cf. p. 188) already knows how the 
phosphorus of yellow ammonium phosphomolybdate can be converted into mag¬ 
nesium ammonium phosphate. Even, today this method of analysis is applied to 
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the determination of phosphorus in steel in cases of ‘‘umpire analysis'^ to settle dis¬ 
putes among chemists. Many years of experience have shown that the so-called 
“rapid methods’’ are just as accurate as the longer methods when properly carried 
out, but they are sensitive to slight changes in the conditions such as the tempera¬ 
ture, time allowed for the completion of the reaction, concentration, and acidity. 
Rapid methods are sometimes based on the weight or volume of the ammonium 
molybdate precipitate. Thus it is sometimes weighed after drying a definite time at 
a definite temperature and at other times the volume of the precipitate is read after 
centrifuging in a graduated tube. 

The rapid methods to be described here are based upon the determination of the 
molybdenum content from which the phosphorus can be comi)uted on the assumption 
that the precipitate contains 12 atoms of molybdenum to 1 atom of phosphorus. 
The molybdenum content can be estimated by measuring the volume of a stand¬ 
ardized solution of sodium hydroxide required to dissolve the precipitate. This is 
accomplished by dissolving the precipitate in a measured volume of the alkali hy¬ 
droxide solution and determining the excess by titrating to a phenolphthalein end 
point with standard acid. Another method of estimating the molybdenum content 
is to reduce the molybdate solution with zinc in the presence of acid and then meas¬ 
ure the volume of standard potassium permanganate solution required to oxidize 
the molybdenum back to the valence of 6 . Some chemists prefer to convert the 
molybdenum to lead molybdate and weigh it. The weight of the lead molybdate 
precipitate is 142 times as great as the equivalent weight of phosphorus in this 
method of analysis. 

In this book three rapid methods of analysis will be described, ea(!h of which de¬ 
pends upon oxidizing the phosphorus to phosphoric acid and precipitating it as 
ammonium phosphomolybdate. The sample of steel is dissolved in 4 A' nitric acid 
(sp. gr. = 1.135). The steel dissolves, as a general rule, easily in acid of this con¬ 
centration, and there is no danger of losing phosphine. The reaction betw^een iron 
phosphide and hot, dilute nitric acid can be expressed as follows: 

3 FesP + 41 H+ + 14 NOa" - 9 Fe*'+^ + 3 H 3 PO 4 -f 14 NO -f 10 H 2 O 

which means that 41 molecules of HNO 3 are required to dissolve 1 molecule of FesP 
but only 14 molecules of the are reduced to NO. 

The easiest way to balance such an equation is to consider first the relation be¬ 
tween the substance oxidized and the one reduced. We notice at once that FesP 
does not correspond to any ordinary salt of iron, and we can say that FesP represents 
a neutral molecule without bothering at all about the valence of the Fe or of the P. 
When it is dissolved and oxidized by HNO3, ferric nitrate and phosphoric acid are 
formed, and in these compounds the Fe has a positive valence of 3 and the phosphorus 
a positive valence of 5. (The old-fashioned way was to say that the Fe was oxidized 
to the state represented by P"e 203 and the P to the state represented by P 2 O 6 , but 
this means exactly the same thing.) 

The neutral moleciule of FeaP, therefore, assumes 9 -f 5 = 14 positive charges. 
The HNOg, on the other hand, is reduced to NO, and the atom of N loses 3 positive 
charges. In this way the numbers 14 and 3 are obtained in the above equation. 
Then, if the equation is written out as far as we have gone, we see that we have 27 
positive charges on the right, and this number added to the 14 charges necessary to 
neutralize the 14 negative charges of the NOs” anion, makes 41 H+ required on the 
vight-hand side of the equation. 

When steel dissolves in nitric acid, a small carbide residue usually remains. The 
carbide may dissolve and exert a. reducing effect at some stage in the analysis. It is 
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best, therefore, to make sure that the carbide is thoroughly oxidized. This can be ac¬ 
complished by evaporating the solution to dryness and baking the residue, which is 
then hard to get back into solution. It is much more expeditious to add some strong 
permanganate to the original nitric acid solution; after this treatment the phos¬ 
phorus will surely have been oxidized to its highest state of valence. 

In the three methods to be described, the procedure will be the same, down to 
the precipitation of the phosphorus as ammonium phosphomolybdate (cf. p. 188). 

12 Mo 04 “~ + H 3 PO 4 + 21 H+ -h 3 NH 4 + (NH 4 ) 3 P 04 l2 M 0 O 3 -f 12 H 2 O 

After the precipitate has formed the treatment will vary. It is important to follow 
the directions as closely as possible. To prepare the nitric acid used for dissolving 
the steel, mix 140 ml of concentrated nitric acid (sp. gr. 1.42) with 360 ml of water. 
The specific gravity of the mixture should be 1.135. The solution contains 0.256 g 
of IINOa in each milliliter, which makes it approximately 4 A. 


Laboratory Directions 

Procedure. — Weigh 2 g of steel to the nearest centigram into a 
250-ml Erlenmeyer flask, add 100 ml of 4 A nitric acid, and insert a 
small, short-stenuned funnel into the neck of the flask. Heat until the 
sample is all dissolved and very little oxide of nitrogen is visible in the 
neck of the flask. Add 10 ml of 1.5 per cent KMn 04 solution and bofl 
for 2 to 3 minutes. The purpose of the permanganate is to oxidize the 
dissolved carbide and to make sure that all the phosphorus is fully 
oxidized to phosphoric acid. If no precipitate appt^.ars, add more 
permanganate and boil again. Dissolve the precipitate by adding 
a few drops of sulfurous acid, a small crystal of ferrous sulfate, or some 
6 per cent sodium thiosulfate solution. Add very little of the reducing 
agent at a time, but continue adding it, at short intervals, until the 
manganese dioxide is dissolved. If there is any appreciable silicious 
residue at this point it should be removed by filtration. Boil 2 minutes 
after the manganevse dioxide has dissolved and then cool to 40^^. If the 
volume of the solution is less than about 80 ml at this stage of the analy¬ 
sis, more 4 N nitric acid should be added. Add 40 ml of 6 N ammonium 
hydroxide in portions of 25, 10, and 5 ml, and rotate the flask until the 
precipitated ferric hydroxide redissolves. It is important that the 
solution should now assume a pale straw color and not appear at all 
red from colloidal ferric hydroxide. A red solution shows that too 
much ammonia was added and the precipitation of the phosphorus will 
be incomplete. With the solution at 35-40° add 40 ml of ammonium 
molybdate solution.* Stopper the flask with a rubber stopper and 

* Stir 100 g of pure M 0 O 3 into 400 ml of cold distilled water and add 80 ml of 
concentrated ammonium hydroxide. Filter and pour while stirring into 1 1 of 0 A 
nitric acid. Add 50 mg of microcosmic salt, and allow to stand 24 hours before 
using. Do not prepare more than a week's supply of the acid reagent at a time. 



234 


DETERMINATION OF PHOSPHORUS IN STEEL 


shake vigorously for 5 miiiutes; allow the precipitate to settle for 15 
minutes but in no case over half an hour. 

From this point, the procedures vary. In the alkalimetric method the volume of 
sodium hydroxide required to dissolve the precipitate is determined; in the oxidi- 
metric method the volume of permanganate solution required to react with the 
molybdenum aftfer its reduction is measured; and in the lead molybdate method, the 
molybdenum is weighed as lead molybdate. 


Alkalimetric Method 


Filter oflF the precipitate and use a 9-cm washed filter paper that fits 
the funnel tightly. Wash the flask, precipitate, and paper twice with 
5-nil portions of 1 per cent HNO3 (1 ml concentrated acid to 100 ml of 
water) and then 5 times with 5-ml portions of 1 per cent KNO3 solution. 
Finally wash the paper with cold, 1 per cent KNO3 until 10 ml of the 
last filtrate will not decolorize 1 drop (0.03 ml) of 0.1 N NaOH and 1 
drop of phenolphthalein indicator solution. This usually requires about 
10 washings more than are specified above. Direct the dilute KNO3 
sglution around the edge of the filter and then spirally down, and wait 
until the liquid has drained before washing again. 

Return the paper and the precipitate to the Erlenmeyer flask in which 
the precipitation took place, add 25 ml of water, 3 drops of phenolph¬ 
thalein indicator solution, and, from a buret or pipet, 10 ml of 0.1 N 
NaOH free from carbonate. This will be sufficient in most cases to 
dissolve all the yellow precipitate and leave the solution alkaline to 
phenolphthalein. If necessary add more NaOH. Discharge the pink 
color by adding a measured volume of 0.1 N HNO3 from a buret, and 
finish the titration by adding just enough more of the 0.1 N NaOH to 
impart a pink color to the solution. 

The chemical equation that represents the dissolving of the precipitate, with the 
solution left neutral to phenolphthalein (cf. p. 53), is the following 

(NH 4 ) 8 P 04 l2 M 0 O 3 + 23 OH" 12 Mo 04 ~'" + 3 NH 4 + + HP 04 ”" + 11 H 2 O 


From this equation it is clear that 

1 P o 12 Mo o 23 OH" 


and the milli-equivalent weight of phosphorus by this method of analysis is 
0.001349 g of phosphorus. 


P 

23,000 


Oxidimetric Method 


Transfer the yellow precipitate to a paper filter in the same way as 
in the above method but use instead of the 1 per cent HNO 3 and 1 per 
cent KNO3 solutions, an acid ammonium sulfate solution (11 of water, 
25 ml concentrated H 2 SO 4 , and 15 ml strong ammonia). Wash the 
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precipitate promptly with ten 5-mI portions of this acid sulfate solu¬ 
tion, wetting the upper edge of the filter paper each time and allowing 
each portion to drain through the filter paper before adding the next. 

Dissolve the ammonium phosphomolybdate precipitate in 25 ml of 
3 N ammonium hydroxide, wash the filter with hot water, and treat the 
filtrate with 10 ml of concentrated sulfuric acid. It is now ready for 
reduction with the Jones^ reductor (see p. 105). Run a blank with the 
redactor before each series of determinations, and whenever the re¬ 
ductor has stood idle for 3 hours. After a reductor has stood over 
night, it should be well washed with dilute sulfuric acid, before even 
running a blank test. 

In making blanks and in all determinations, the procedure is as 
follows. Add 100 ml of normal sulfuric acid through the funnel, B, 
with the stopcock C open, using a little suction. When only a little 
of the dilute acid remains in the funnel, add the solution to be re¬ 
duced or, in the case of blanks, 50 ml of 1.5 N sulfuric acid, and when 
this has nearly passed out of the funnel, follow with 250 ml of normal 
sulfuric acid, washing out the original beaker with this acid and adding 
it in small‘portions. Finally, pass 100 ml of water through the reductor 
and titrate in the permanganate. Air should not be allowed to enter the 
reductor tube, which should be kept full of water at all times when idle. 
Run blanks until two successive tests require less than 0.2 ml of 0.1 N 
permanganate to give a pink color to the acid solution. 

In the original method, the reduced solution was caught in an empty flask and 
it was assumed that the M 0 O 3 of the phosphomolybdate precipitate is reduced t^o 
M 024 O 37 ; 1 ml of 0.1 KMnO^ = 0.0000886 g P. The molybdenum is reduced 
completely to the trivalent condition by the amalgamated zinc: 

(NIl4)3P04 l 2 M0O3 -f 23 NH4OH = 12 (NH4)2Mo04 + mh)2HFQ^ + 11 ILO 
•2 Mo04"’ + 3 Zn + 16 11 + 2 Mo+++ -f 3 Zn+‘^ + 8 H2O 

The trivalent molybdenum is slowly oxidized by the air in the flask and by that 
shaken into the solution during the titration. A practiced manipulator usually 
titrates so that about 3 per (‘eiit of the total oxidation is accomplished by the air, 
and this corresponds to the assumption that Blair made wdth respect to the hypo¬ 
thetical M 024 O 37 . The only .safe way to avoid this error is to catch the reduced 
solution, before it comes in contact with air, in 50 ml of 10 per cent ferric alum solu¬ 
tion (100 g of ferric alum, 25 ml of concentrated sulfuric atJid, and 40 ml of sirupy 
phosphoric acid per liter). 

This ferric alum solution does not change the reduced molybdenum entirely back 
to the 6-valent condition but it does oxidize it sufficiently to prevent the effect of 
the atmosphere, and for every equivalent of molybdenum oxidized an equivalent 
of reduced iron is formed so that the solution titrates exactly as if a perfect reduction 
was obtained without the use of the ferric salt. Since the precipitate contains 
1 P:12 Mo, and the valence change of the Mo is 3, it is clear how the normal weight 
is computed. When this ferric alum solution is used in the analysis, it must be 
present also in running the blanks. 
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To illustrate the computation assume that the ammonium phosphomolybdate 
precipitate from 2 g of steel required by the above method 12 ml of 0.1 A perman¬ 
ganate solution. The blank on the reductor and ferric alum was 0.18 ml. The 
phosphorus present in the steel is then: (12 — 0.18) X 0.00431 per cent. 

If 2.16 g of steel is taken for analysis, the percentage of phosphorus will be 0.004 
times the net volume of 0.1 A j)ermanganate in milliliters when ferric alum is used. 


Lead Molybdate Method 

Filter the ammonium phosphomolybdate precipitate (see p. 233) 
and wash it on a 9-cm ashless filter paper with cold 1 per cent nitric 
acid (1 ml concentrated acid and 100 ml water) at least 10 times. 
Dissolve the precipitate by pouring 4 ml of concentrated NH 4 OH on 
the filter. Catch the solution in the flask used for the precipitation, 
wash the paper once with hot water, and again pour this solution through 
the filter, this time catching it in a 150>ml beaker. Wash the paper at 
least 6 times with a stream of hot water directed against the upper edge 
of the paper and then place the solution on a hot plate. Place beside 
it a 250-ml beaker containing a filtered solution of 10 g NH 4 CI and 12.5 g 
of ammonium acetate in 50 ml of water. When both solutions are at 
the boiling point, add, to the ammoniacal solution of th(^ yellow pre¬ 
cipitate, 10 ml of concentrated hydrochloric acid and 10 ml of 4 per cent 
lead acetate solution. At once pour this mixture into the hot solution 
of ammonium chloride and acetate, and wash out the^ beaker with hot 
water. Allow the precipitate to settle for a few minutes and then 
filter through a weighed Gooch crucible. Wash thoroughly with hot 
water until free from chloride, dry in the hot closet at 105°, and weigh. 
Or, if desired, finish the washing with alcohol and ether (cf. p. 176). 

In this method of analysis, 12 PbMo 04 are obtained for each P 
present. The weight of phosphorus, therefore, is found by the formula: 

P MM 0,royc/l 

^ 12 F bMQ ~ 0 4 "" PP^' ^ 440y "" PP^* ^ O.Oim 


Home Problems 

10. A 2-g sample of steel containing 0.007 per cent P would require what net 
volume of A/20 KMn 04 (a) by the Blair method? (6) by the ferric alum method? 
(c) What net volume of A/14 NaOH in the Handy method? What would be the 
weight of the yellow precipitate if dried in a Gooch crucible until it becomes an¬ 
hydrous? 

11 . Calculate the percentage of phosphorus in a sample of steel from the following 
data: 2.00 g of steel furnished a normal yellow precipitate which when dissolved 
and treated with Zn (see p. 235) reacted with 7.00 ml of A/12 KMn 04 . 

12. Calculate the percentage of phosphorus in a steel from the following data: 
2 g of steel furnished a yellow precipitate which was dissolved in 20.00 ml of half- 
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normal sodium hydroxide solution and the excess of the latter reacted with 27.00 
ml of third-normal nitric acid. 

13. A normal yellow precipitate of ammonium phosphomolybdate from a sample 
of bronze weighing 1 g is reduced with zinc. The reduced solution requires 21.13 
ml of A/10 permanganate to oxidize the molybdenum to the hexavalent condition. 
If the alloy contains exactly 0.2 per cent of phosphorus, to what oxide was the 
molybdenum apparently reduced by the zinc? 

14. In the analysis of a sample of steel weighing 1.881 g, the phosphorus was pre¬ 
cipitated with ammonium molybdate and the yellow precipitate w^as dissolved, 
reduced, and titrated with permanganate. If the sample contained 0.025 per cent P 
and 6.01 ml of KMn 04 were used, to what oxide was the molybdenum reduced? 
One milliliter of KMn 04 was equivalent to 0.007188 g of sodium oxalate. 

15. In the analysis of apatite, 2.384 g of an abnormal yellow precipitate of am¬ 
monium phosphomolybdate was obtained, dissolved in 500 ml of ammonia water, 
and the solution mixed. Of this 50 ml was reduced by a certain reducing agent 
and then oxidized back to the valence of 6 with 30 ml of A/10 KMn 04 ; 250 ml of 
the solution yielded 0.0852 g of Mg 2 P 207 ,* and 100 ml gave 0.216 g of M0O3. Find 
(a) ratio of P to Mo in the yellow precipitate; (6) symbol of the reduced oxide of 
Mo; (c) value of 1 ml of KMn ()4 in terms of P. 

16. A sample of steel is analyzed by the alkalimetric method for phosphorus. 
In the analysis 15.0 ml of 0.08 N NaOII is added to dissolve the ammonium phospho¬ 
molybdate precipitate and the excess is titrated with n milliliters of HNOs. Find 

the weight of sample and the normality of the nitric acid when — = per cent P. 

17. In the analysis of 1.63 g of steel by the alkalimetric method, find the nor¬ 
malities of both the NaOH and the nitric acid when 15.0 ml of NaOH is used, n 

milliliters of HNOa, and ^ = per cent P. 

18. In the determination of i)hosphoru8 in steel by the lead molybdate method, 
find the per cent phosphorus when 0.120 g of PbMo 04 is obtained from 2.05 g of steel. 
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MANGANESE IN STEEL 

Manganese exists in ordinary steels as a solid solution with iron. Small quantities 
of manganese may be present as manganous sulfide or silicate, forming a part of 
the slag that is unintentionally left in the steel; breaks in the metal often start from 
su(‘h inclusions. Manganese, in the form of ferro-inanganese or “spiegeleisen,” is 
introduced into molten steel for tlie purpose of deoxidizing and desulfurizing the 
metal and to prevent *^red shortness'' or brittleness during the forging heats. Some 
ex(!es8 always appears in the finished steel, which ordinarily will contain 0.2 to about 
1.0 per cent. Manganese tends to increase the hardness and decreases somewhat the 
ductility of ordinary steels. 

In metals containing more than 1 per cent of manganese, the hardness and brittle¬ 
ness increase rapidly and reach maximums between 5 and fi per cent, and it is prac¬ 
tically impossible to machine them with any tool. Beyond 7 per cent of manganese 
causes progressive increase in the ductility, and steels containing 13 per cent man¬ 
ganese are very strong, tough, and ductile. The addition of manganese to steel 
lowers the transformation temperatures (see Carbon) and makes the transformations 
take place in a sluggish manner. Sometimes the Ari point falls below the ordinary 
room temperature and self-hardening steels result. 

Samples of iron or steel are usually dissolved in hot dilute nitric a(*id when man¬ 
ganese is to be determined. If tungsten is present, sulfuric acid is commonly used 
followed by nitric and sometimes phosphoric acid. 

Usually it is not necessary to get rid of the iron before attempting to determine 
manganese because reactions typical of manganese can be made to take place in the 
presence of considerable quantities of ferric salt. 

A fair separation of manganese from iron can be accomplished with ammonia and 
ammonium chloride, but when much iron and little manganese are present this meth¬ 
od is rarely used; the precipitate of ferric hydroxide is very bulky and hard to handle, 
and the separation is never satisfactory with a single precipitation. The basic 
acetate separation, which depends upon the precipitation of basic ferric acetate, 
ferric phosphate, etc., by boiling the faintly acid solution with considerable sodium 
acetate, is better but also very tedious. More satisfactory is the treatment with an 
emulsion of zinc oxide and water. This serves to precipitate hydroxides which are 
more insoluble than zinc oxide. When this treatment is carried through it is custom¬ 
ary to make up the solution and precipitate to a definite volume, mix well, and 
take a fraction (aliquot) of the filtered solution for the subsequent analysis. A slight 
error is introduced by the volume occupied by the precipitate, but the actual weight 
of the precipitate from 3 g of steel in 500 g of solution is relatively small, and the 
bulky ferric hydroxide precipitate tends to adsorb enough manganese to compensate 
for the fact that the actual volume of solution is somewhat less than 500 ml. 

Two other methods of separating ferric and manganous ions are worth mentioning 
although it is rarely necessary to make use of them in the determination of manganese 
in steel. (1) If a small volume of ferric and manganous chlorides in hydrochloric 
acid solution (d.1,10) is shaken with a larger volume of ether, nearly all the ferric 
chloride, considerable hydrochloric acid, but no manganous chloride will pass into 

238 



MANGANESE IN STEEL 


239 


the ether layer. This is the Rothe ether separation and has been much used in 
analytical chemistry. (2) If a dilute hydrochloric acid solution of ferric and man¬ 
ganous chlorides is treated with cupferron — the ammonium salt of phenylnitroso- 
hydroxylamine, C 6 H 6 (NO)NONH 4 — ferric ions are precipitated as the salt of 
cupferron; in 3 cupferron molecules the NH 4 groups are replaced by Fe. 

Practically all methods used for determining manganese in steel, or other ferrous 
alloys, are based upon the oxidation of bivalent manganous ions to some higher 
valency. In one case (Volhard^s method) the quantity of oxidizing agent (KMn 04 ) 
required to acicomplish the oxidation is measured, but in most cases the oxidized 
manganese is treated with a carefully measured quantity of reducing agent and the 
excess determined by titration with permanganate. Sometimes the analysis is 
finished by comparing the color of the permanganate produced by suitable oxidation 
with that corresponding to known (|uantities of permanganate. In this book four 
methods of analysis will be des(;ribed. 

Bismuthate Method^ 

1000 ml N KMn 04 = 10.99 g Mn 

This method originated with Schneider, f who used bismuth tetroxide as the 
oxidizing agent; but as the oxide is difficult to prepare free from chlorides, and traces 
of chloride interfere with the end point of the titration, it was abandoned by Reddrop 
and Ramage,t who proposed the use of sodium bismuthate, NaBiGy. The product 
sold under this name is of more or less indefinite composition. 

The determination is based on the fact that a manganous salt in the presence of 
nitric acid is oxidized to permanganic acid by sodium bismuthate. 

2 Mn++ + 5 NaBiOs + 14 H+ 2 Mn 04 " + 5 Bi+++ + 5 Na+ 4- 7 H 2 O 

The permanganic acid formed is very stable in a cold solution containing 20-40 
per cent of nitric acid. In hot solutions the excess of bismuthate is rapidly decom¬ 
posed and then the permanganic acid breaks down; as soon as a small amount of 
manganous salt is formed it reacts with the permanganic acid and manganese dioxide 
precipitates. 

In the cold, however, the excess of the bismuth salt can be filtered off, an excess 
of ferrous sulfate added to the clear filtrate, and the excess determined by titrating 
with permanganate. The end point is sharp and the method is extremely accurate 
except in the presence of cobalt,* ** 

The following conditions are recommended by Blum. To the cold manganous 
solution containing 20-40 per cent nitric acid (free from nitrous acid) in a volume 
of 50-150 ml, add a slight excess of bismuthate (usually 0.5~1.0 g), agitate thor¬ 
oughly for about I minute, wash down the sides of the flask with 3 per cent nitric 
acid,tt filter through asbestos, wash with 100 ml of 3 per cent nitric acid, add a slight 
excess of ferrous sulfate, and titrate at once with permanganate. 

* A. A. Blair, J. Am. Chem.j Soc.^ 26, 793. W. Blum, Reprint No. 186 from Bull. 
Bur. Standards^ 8 (1912). 

t Ding, poly. /., 269, 224. 

t Trans. Chem. Soc.y 1896, 268. 

** G. E. F. Lundell, J. Am. Chem. Soc.y 45, 2600 (1923). 

tt One ml of nitric acid, d.1.42, contains nearly 1 g of HNOs. The solution of 
3 ml concentrated nitric acid diluted to 100 ml is approximately a 3 per cent solution 
both by weight and by volume. 
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Procedure for Steels. — Dissolve 1 g of sample in 50 ml of 4 N nitric 
acid and boil the solution to expel oxides of nitrogen. Remove from the 
heat, add about 0.5 g of sodium bismuthate, and boil 2 to 3 minutes. 
If more than 0.1 per cent manganese is present, a precipitate of man¬ 
ganese dioxide usually appears or, if the manganese content is low, a 
pink color is produced. If neither a pink color nor a precipitate is 
produced, add more bismuthate and heat again. Clear the solution by 
adding a few drops of sulfurous acid, boil 2 to 3 minutes, and cool to 15°. 
Add 0.5 to 1 g more of bismuthate (enough to leave a small excess un¬ 
dissolved), agitate, and allow to stand for 1 minute. Then add 50 ml 
of 3 per cent nitric acid (3 ml of concentrated HNO3 + 97 ml of water), 
and filter through asbestos. A suitable filter can be made by tamping 
down some glass wool in a funnel and pouring some asbestos fibers 
suspended in water upon it. If a Gooch crucible is used for filtering, 
take care that none of the filtrate comes in contact with the rubber that 
holds the crucible in the filter bottle. A glass filtering crucible can be 
used. Wash the excess bismuthate with 3 per cent nitric acid until the 
last runnings are colorless (50 to 100 ml of acid should be used). Add 
a measured volume of standard ferrous sulfate solution (usually a 25- 
ml pipetful is sufficient), and titrate the excess with permanganate.* 
The ratio of permanganate to ferrous sulfate solution must be de¬ 
termined daily. Though not strictly necessary, the determination of 
this ratio by means of a blank affords a convenient means of testing 
the efficacy of the filter. The conditions found most satisfactory by 
Blum are: To 50 ml of nitric acid (25 per cent by volume), add a small 
amount of bismuthate; shake and allow to stand a few minutes, dilute 
with 50 ml of 3 per cent nitric acid; filter through the asbestos filter, and 
wash with 100 ml of 3 per cent nitric acid. To the filtrate, which should 
be perfectly clear, add a volume of ferrous sulfate approximately equal 
to that to be used in the subsequent determinations (25 or 50 ml), and 
titrate at once to the first visible pink. Even for the most accurate 
work, no end-point correction is required for this titration, provided 
only that the solutions are always titrated to the same color, and that 
about the same volumes are used in the standardization and analyses. 


The manganese content of the steel can be computed as follows: 
Let s = weight of the sample. 

A = volume of KMn 04 which is equivalent to the FeS 04 used. 

n — volume of KMn 04 used to titrate the excess FeS 04 . 

N ~ the normality of the KMn 04 solution. 

(A - n)N X 0.01008 X 100 ^ , 

;- = per cent Mn 


* H. F. V. Little, Analyst^ 37, 554 (1912) found that it was advisable to filter into 
a known volume of standardized ferrous solution when the manganese content was 
high. 
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It was originally assumed that the bismuthate method is not weU suited for 
determining large quantities of manganese, but Cunningham and Coltman* have 
shown how the method can be applied to materials rich in manganese. 

The following modification of the bismuthate method is useful for rapid work. 
It depends upon reducing the permanganate formed with a sodium arsenite solution. 
Sodium arsenite in dilute acid solution is oxidized to arsenate; but under the condi¬ 
tions prevailing in this analysis, the reduction of the permanganate does not take 
place completely to the manganous condition. With a little practice, however, it is 
easy to note the point when all the permanganate has been acted upon, and this is 
taken as the end point although the solution has a greenish tint if much manganese is 
present. 

Rapid Bismuthate Method 

Prepare a solution of arsenious acid of which 1 ml = 0.1 mg of Mn 
by dissolving 0.337 g of pure AS 2 O 3 and 1.1 g of Na 2 C 03 , heating with 
a little water and finally diluting to exactly 1000 ml in a volumetric 
flask. Weigh out the AS 2 O 3 on a watch glass and make sure that the 
weight does not vary 1 mg from the specified quantity. Test the 
strength of the solution by measuring out carefully, with a pipet, 
exactly 2 ml of approximately 0.1 A KMn 04 , adding 100 ml of 3 per cent 
HNO 3 and titrating with the arsenite solution to the disappearance of the 
purple color. 

For the analysis, take exactly 0.1 g of steel (within 1 mg) and proceed 
precisely as described above but with somewhat less bismuthate. The 
final volume of the solution after filtering off the excess bismuthate 
should be about 100 ml. Titrate the solution with the sodium arsenite 
solution. The volume required divided by 10 should give the per¬ 
centage of Mn present. 

Persulfate Method] 

In a hot solution of a manganous salt containing silver nitrate as catalyzer, am¬ 
monium persulfate causes the formation of permanganic acid. 

2 Mn++ + 5 S 20 r“ 4- (Ag+) + 8 ILO -► 2 Mn 04 - + 10 804 ““ + (Ag+) 4 - 16 H+ 

Without the silver salt, manganous acid, H 2 Mn 03 , is precipitated. In the routine 
analysis of steel it is customary to discharge the permanganate color by adding 
standard sodium arsenite. Under the conditions that usually prevail, the arsenic 
is completely oxidized to the quinquevalent condition; the manganese of the per¬ 
manganate is not reduced to colorless manganous salt but to a green solution which 
contains manganese partly trivalent and partly quinquevalent. The arsenite 
solution, therefore, must be standardized in exactly the same way it is used in the 
analysis against permanganate solution or by means of a Bureau of Standards steel. 

* Ind. Eng. Chem.y 16, 58-63 (1924). Cf. Little, he. cit. 

t Walters, Proc. Eng. Soc. Western Pa.y 17, 257 (1901); Chem. News, 84, 239, 
H. P, Smith, Chem. NewSy 90, 237 (1904). Rubricus, Chem. Ztg. Repert.y 1906, 
247. F. Kunze, Chem. Ztg.y 29, 1017 (1905). H. Marshall, Z. anal. Chem.y 48, 
418; 655 (1904). 
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Dissolving Solution. — Mix together 5 ml of 0.1 N AgNOs, 40 ml of 
water, 2 ml of concentrated H2SO4, and 15 ml of concentrated HNO3. 

Titrating Solution. — Dissolve exactly 0.337 g of pure AS 2 O 3 and about 
1.1 g of Na 2 C 03 in about 60 ml of hot water. When the solids have all 
dissolved completely, transfer to a liter measuring-flask and make up 
to exactly 1 1. One milliliter = 0.1 mg Mn. Test the strength of the 
solution by taking a measured volume of 0.1 N KMn 04 (2.00 ml is 
suitable), reducing it with a little H 2 SO 3 , and then proceeding exactly 
as in the analysis of steel, using the same quantities of reagents. 

Procedure. — Weigh out portions of exactly 0.100 g (within 1 mg) 
into 250-ml Erlenmeyer flasks, and heat each portion with 15 ml of the 
digsolving solution until all the steel has dissolved and the red nitrous 
fumes have been expelled. Remove from the hot plate; add 100 ml of 
hot water and 10 ml of 10 per cent (NH4)2S208 solution. Heat to boil¬ 
ing, and maintain this temperature for 30 seconds. Remove from the 
hot plate and cool under running water to about 15®. (If necessary use 
ice-water.) Titrate the cold solution until the permanganate color is 
discharged. Pay no attention to a return of the color on standing. 
(This can be prevented by adding to the cold solution just enough dilute 
NaCl to precipitate the Ag*^ as AgCl. In the absence of the Ag+, Mn^^ 
is not oxidized in the cold.) 

The persulfate, in the presence of silver cations, slowly oxidizes the manganous ions 
to permanganate, but this reaction is so slow in the cold that there is no serious error 
if the titration takes place fairly quickly. If the cold solution is treated with just 
sufficient NaCl solution to precipitate the silver before the titration, the end point 
lasts much better; but if the solution is hot when the chloride is added, some per¬ 
manganate is likely to be reduced. The above very rapid method has never been 
regarded as suitable for umpire analysis, but students usually obtain exceflent re¬ 
sults agreeing within 0.02 per cent, or less, of the correct values. If considerable 
manganese is present the solution is yellow or green at the end point, but the prac¬ 
ticed eye can easily tell when all the permanganate color is gone. 


Modified Williams Method 

1000 ml of AT KMnO. = ^ = 27.47 g Mn 

The Williams method depends, in the first place, upon the precipitation of all the 
manganese as Mn 02 by boiling the manganous solution with concentrated nitric acid 
and potassium chlorate. The reaction has also been used in qualitative analysis. 
Mn(N03)2 + 2 KClOs + H 2 O MnOj HaO + 2 KNOb + 2 CIO 2 j 

The precipitate is dissolved in acid and a known quantity of reducing agent, and the 
excess of the latter is measured by titration with standard potassium permanganate 
solution. A standard solution of acid ferrous sulfate or ferrous ammonium sulfate 
is commonly used as the reducing agent, and since such a solution oxidizes slowly on 
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standing in the air it is necessary to determine its strength at least once every day 
that it is being used. 

Julian* used H 2 O 2 as the reducing agent and did not bother to filter off the precipi¬ 
tate, but it is unquestionably better to do so because the presence of a little nitrous 
acid in the solution is likely to cause error in the final titration. 

Procedure, — Take 2 to 3 g of steel (weighed to the nearest centigram) 
in a 600-ml Erlenmeyer flask and dissolve it in 60 ml of 6 iV HNO 3 . 
When the steel has dissolved, evaporate the solution to sirupy con¬ 
sistency (about 10 ml); add 50 ml of concentrated nitric acid and 3 g of 
potassium chlorate crystals. Boil the solution on the hot plate for 
15 minutes. Then remove the flask from the hot plate, as otherwise 
the CI 62 which is liberated on adding chlorate may explode; add 15 ml 
more of concentrated nitric acid and another 3 g of potassium chlorate. 
Boil for another 15 minutes. Cool quickly by placing the flask in cold 
water and rotating the contents. Prepare an asbestos filter by pressing 
down a little glass wool in a funnel and pouring on it a little asbestos 
suspension such as is used for Gooch crucibles. Filter through the 
asbestos, and wash the Mn 02 precipitate with three 10-ml portions of 
cold water. Transfer the asbestos pad and precipitate back to the 
original flask. As solvent, prepare a mixture of 900 ml water, 43 ml of 
3 per cent hydrogen peroxide, 25 ml of phosphoric acid, d.1.70, and 
preserve it in a glass-stoppered bottle. Of this well-mixed solution take 
out 2t')-ml portions by means of a pipet. Usually one portion of the 
solution is sufficient to dissolve the Mn 02 precipitate and leave an excess 
of H 2 O 2 . At the same time, take two separate portions of the solution 
for direct titration with pennanganate. In every case, dilute with 
water to about 200 ml and titrate with standard potassium perman¬ 
ganate. In using the pipet make sure that it has been cleaned recently 
with cleaning solution so that it will drain well and that it has been 
rinsed out with three small portions of the solution which is to be meas¬ 
ured. Make sure that the pipet is filled from the bottom up to the 
mark on the stem, and, after allowing the contents to drain out, touch 
the tip of the pipet to the side of the beaker just above the solution. 
When used in this way pipets are more accurate than the ordinary buret. 


The reactions that take place with the hydrogen peroxide are these: 

H 2 O 2 H- Mn02 + 2 H+ Mn++ -f 2 H 2 O -f O 2 T 

5 H 2 O 2 + 2 Mn 04 '’ + 6 H+ 2 Mn++ -f 8 H 2 O -f 5 O 2 T 

If, in the analysis of s grams of steel, 25 ml of H 2 O 2 were used which were equiva¬ 
lent, as found by direct titration, to A milliliters of KMn04 and the excess H202 re¬ 
acted with n milliliters of KMn 04 which was iV-normal, then 


(A - n)N X 0.02747 

8 


X 100 = per cent Mn 


♦ J. Am. Chem. Soc., 16, 113 (1893); cf. /. Anal. Chem., 2, 249 (1888). 
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Volhard Method^ 

1000 ml N KM11O4 = = 16.48 g Mn 

If an almost boiling, nearly neutral solution of manganese sulfate is slowly treated 
with a solution of potassium permanganate, each drop will cause the formation of 
manganous acid (H 2 Mn 03 ). Under ideal conditions the reaction takes place as 
follows: 

2 Mn04~ + 3 MiU+ + 7 lUO -> 5 H2Mn03 + 4 

According to this equation, 2 KMn 04 (10 equivalents) react with 3 Mn*^+ (cf. 
p. 98). 

A. Guyard, who first determined manganese by this method, assumed that the 
oxidation took plac-e according to the abo\'c equation. 

In reality, however, instead of pure manganous acid being precipitated, different 
acid manganites of varying composition are formed; for example: 

4 KMn 04 + 11 MnS 04 -f 14 H 2 O = 4 KHSO 4 + 7 II 2 SO 4 + 5 Mn(HMn 03)2 

Volhard has shown that if calcium, barium, or, better still, zinc salts, are present, 
manganites of these metals are precipitated. The f)recipitate, although varying in 
composition, then contains all the manganese in the quadrivalent form. 

Weigh out, to three significant figures, three separate portions of 
2 g of steel into 300-ml porcelain casseroles. Cover the dishes with 
watch glasses, and dissolve each sample by the gradual addition of 25 
ml of 6 AT' nitric acid. When the sample has dissolved, raise the cover 
glass, evaporate to dryness, and ignite carefully to decompose nitrates. 
Cool and digest the residue with 20 ml of concentrated hydrochloric acid. 

If a dark residue remains undissolved, evaporate the solution to dryness again, 
dehydrate silica by heating an hour at 125°, warm with 10 ml of concentrated hydro¬ 
chloric acid, dilute, filter, and wash the residue thoroughly, first with a little hot 
2 N hydrochloric acid, then with cold water, and finally with hot water. If there 
is no dark-colored residue containing graphite, this treatment is unnecessary. A 
carbonaceous residue is always more or less oxidizable and must be removed. 

Evaporate the hydrochloric acid to dryness. Moisten the residue 
with 10 ml of 6 W hydrochloric acid, warm, and evaporate to a small 
volume but not to dryness. Transfer to a 500-ml measuring-flask, 
first filtering if there is much residue, and dilute with cold water to about 
200 ml. Add 6 N sodium carbonate solution in small portions until the 
ferric chloride solution has a deep red color and then small quantities 
of a suspension of zinc oxide in water, shaking after each addition 
of oxide and continuing until a point is reached where the liquid sud¬ 
denly coagulates forming a heavy precipitate of ferric hydroxide. Fill 
the flask with water up to the mark, mix thoroughly by pouring back 

* Ann. Chem. Pharm.y 198 , 318 (1879). Cf. W. Fischer, Z. anah Chem,f 48 , 751 
(1909); Cahin and Little, Ai^ystt 36 , 52 (1911). 
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and forth into a beaker several times, allow the precipitate to settle, 
and filter through an 18-20 cm filter. Reject the first 5 ml of filtrate 
and collect the next 250 ml in a measuring-flask. Transfer the solution 
to a 500-ml flat-bottomed flask, add 5 ml of 6 acetic acid and titrate 
until the hot solution (80-90°) appears pink above the brown precipi¬ 
tate, viewed best in the neck of the flask against a light background. 
Add the KMn 04 in ml portions to the first sample until the end point 
is overstepped. To the other samples, add nearly all of the requisite 
KMn 04 at once. 


Home Problems 

19. If 40 ml of potassium tetroxalate solution react with .30 ml of 0.2 N sodium 
hydroxide solution and 00 ml of permanganate solution are required to oxidize 24 ml 
of the same tetroxalate solution, find the value of 1 ml of KMn ()4 in terms of Mn 
by the (a) Volhard method, (h) bismuthate method, (c) Williams method. 

20. If a sample of steel weighing 0.9 g and containing 0.50 per cent Mn is used 
for analysis, how many milliliters of a solution of KMn ()4 (10 ml — 0.0030 g of 
KHC 2 () 4 -H 2 C 2(\-2 II 2 O) will be equivalent to its manganese content by (a) the 
bismuthate method, (b) the Volhard method, (c) the Williams method? 

21. What weight of steed should be taken for analysis such that the milliliters 
of N/V2 KMn ()4 equivalent to the Mn in the steel is 8 times the per cent Mn in the 
steel if the analysis is made by the (a) Volhard method (one-half the solution is 
titrated), (6) bismuthate method, (c) Williams method? 

22. From the following data compute the normality of a potassium permanganate 
solution, and show its value in terms of manganese by three methods of analysis: 

20 ml KMn 04 = 45 ml Na 2 S 203 
20 ml Na 2 S 2()3 = 15 ml iodine 
1 ml iodine = 0.00056 g sulfur 

23. In the Volhard method for manganese, what weight of steel should be taken 
so that the milliliters of iV/10 KMn 04 shall equal 10 times the per cent Mn? 

24. A sample of steel weighing 1.880 g contains 0.596 per cent manganese and 
9.49 ml of permanganate solution (1 ml == 0.007188 g sodium oxalate) are equivalent 
to the manganese. What method was used for the determination (Volhard, bis¬ 
muthate, Williams)? 

25. A sample of ferromanganese contains 80.25 per cent Mn. How many milli¬ 
liters of KMn 04 (1 ml = 0.00500 g Fe) are used for the titration of a sample weigh¬ 
ing 0.300 g by the Volhard method? What would have been the apparent percentage 
if a minus error of 0.35 ml had been made in the buret reading of the permanganate 
solution? 

26. In the analysis of a sample of steel weighing 1.5 g and containing 0.5 per cent 
Mn, the total Mn equivalent in terms of KMn 04 solution is 3.96 ml. If 40 ml 
KMnO^ = 0.3082 g Na 2 C 204 which method of analysis was used? 

27. A sample of steel containing Mn is analyzed by the Williams method, the 
precipitate of Mn 02 being dissolved in 200 ml of oxalic acid containing 0.00200 g 
of H 8 C 204-2 H 2 O per milliliter, 20 ml of N/IO KMn 04 are required for the excess. 
What volume of the KMn 04 would have been used if the sample had been analyzed 
by the Volhard method (one-half the solution titrated)? 



CHAPTER IV 


CARBON IN IRON AND STEEL 

Carbon occurs in iron and steel as carbide, as a solid solution of car¬ 
bide in iron, as graphite, and as temper carbon. Iron carbide, FesC, 
is often called cementite. The properties of iron and steel depend not 
only upon the chemical composition of the material but also upon the 
treatment which has been given to it. Thus a steel with a given per¬ 
centage of carbon may be very hard if it has been cooled quickly from 
say 1000°, or it may be much softer if it has been annealed. By pol¬ 
ishing a piece of metal and etching the surface, it is possible to estimate 
by microscopical examination the percentage of carbon present, the 
heat treatment which has been given to the specimen, and whether the 
material is homogeneous. In testing steel and other alloys the work of 
the chemist should go hand in hand with that of the metallographer as 
either is likely to be led astray without the other. 

Here we shall assume that steel is a binary alloy of carbon and iron. 
This will carry us sufficiently into the field of metallography but it must 
be remembered that other elements, e.g. manganese, sulfur, silicon, 
chromium, nickel, tungsten and vanadium, play an important part in 
modern steel making. To understand the reasons for the various effects 
accomplished by heat treatment, it is necessary to know something con¬ 
cerning the laws of physical chemistry, especially the phase rule of 
Willard Gibbs. Here just a little of the theory will be touched upon. 

The mass-action law, which has frequently been mentioned in this book, refers to 
what is called homogeneous equilibria. It governs, for example, the reaction between 
ions when everything is present in a state of aqueous solution. We say that this 
constitutes a single phase. Every homogeneous state which the components of a 
system can produce is called a phase; the phases, in other words, are the physical 
states in which the components can exist. A few illustrations will help here. 

The compound H 2 O (;an exist as solid, liquid, or gas, and each of these physical 
states represents a phase. A mixture of NaCl and H 2 O can exist in four phases. 
If, at a low temperature, the two compounds exist side by side as solids which are 
distinguishable from one another (ice and salt), we say that we have two phases 
present and the system is not homogeneous. There can be as many solid phases 
existing side by side as there are distinguishable solids. If we have a solution of 
NaCl in water, we have a single phase, and we say that we have a homogeneous 
system. If we add more water, more salt, or any other substance to the solution 
(and there is no precipitation), we still have but a single phase. If, on the other 
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hand, we add ether to an aqueous solution, and can distinguish a line of demarcation 
between the two liquids, we have two phases. In any system there can be as many 
liquid phases as there are immiscible liquids or sc^lutions. Gases, however, all mix 
with one another and constitute a single phase. What Gibbs did was to discover an 
important relation between the number of components, the number of phases, and 
the degrees of freedom of a system. 

If we study the equilibrium conditions of water with respect to its existence as 
solid, liquid, or gas, we say that we are considering a one-component system. The 
number of components is the smallest number of independently variable constituents 
required to build up the system. In studying the reaction CaCOa CaO -f CO 2 
we say that we have a two-component system because any desired state can be ob¬ 
tained from suitable quantities of CaO and CO 2 and it is not necessary to have all 
three present at the start. On the other hand, it is not a one-cornponent system 
because it is not possible to get all sorts of mixtures of CaO and C ()2 from CaCOa 
alone. 

In studying the equilibrium of a gas we determine pressure and temperature. 
If both temperature and pressure can be varied without changing the number of 
phases present, we have two degrees of freedom. In studying a solution of a definite 
substance in water we measure temperature and concentration, and we say that there 
exists two degrees of freedom if wc can vary the temperature and concentration with¬ 
out causing the number of phases to change. 

The Gibbs rule is 

P -f F = C -f 2 

when P is the number of phases, C is the number of components, and F the degrees 
of freedom in a state of equilibrium. 

This is a very important generalization. Let us take a few examples. If we study 
the equilibrium conditions of a one-component system such as water, we find that 
we can express all possible conditions in terms of the two variants pressure and 
temperature. At 0.0076° and 4.57 mm of pressure, we can have existing together in 
perfect equilibrium the three phases, ice, water, and water vapor. Then appl 3 dng 
the phase rule we have 

3 phases -j- 0 freedom = 1 -f- 2 

There is no freedom to the system when ice, water, and water vapor are existing 
together in a state of perfect equilibrium and we have a state of invariant equilibrium. 
On the equilibrium diagram there is such a so-called triple point at 0.0076° and 4.57 
mm pressure. 

The system salt and water can be expressed in terms of concentration of the solu¬ 
tion and temperature. At —22° and with about 23 per cent of dissolved sodium 
chloride, there can exist four phases in equilibrium side by side, and we have what is 
called a quadruple point. The four phases are water vapor, liquid solution, solid 
ice, and solid salt. If either the concentration of the solution or the temperature is 
changed, one phase will disappear. For a two-component system, P -f F - 2 -f- 2, 
and when all four phases are present together, there is no freedom and the system is 
in a state of invariant equilibrium. 

The alloys of iron and carbon can be studied on this basis. In reality the alloys 
contain more than two components, Fe and C, but it is simplest to study them on 
this basis and then find the effect that other constituents exert. Figure 37 is an 
equilibrium diagram of iron and carbon. Temperatures are plotted as abscissas and 
concentrations of carbon as ordinates. 
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In applying the phase rule to this diagram, it is assumed that the vapor phase is 
always present although to an inappreciable extent. Neglecting this phase, the rule 
becomes P + F = (7 4* 1, which means that the system has no freedom, or is in- 
variant, when three solids or two solids and a liquid exist together. If the tempera¬ 
ture is changed, one phase disappears. The diagram shows two such points, E and 
P. At E (4.3 per cent C and 1100°) the melt can exist in equilibrium with two solids, 
called austenite and cementite. The intimate mixture of these two phases which exists 
in equilibrium with the molten metal at E is called a eutectic. Cementite is the metal- 
lographic name given to FeaC; austenite is the name given to a solid solution (mixed 
crystals) of FesC in Fe. According to its appearance under the microscope, the solid 
solution of FeaC in Fe is given different names. Austenite may be assumed to repre- 


Steel Iron 



sent the solid solution in the state in which it exists at high temperatures. On cool¬ 
ing it tends to break down into iron and cementite, and the point F on the diagram 
is where an intimate mixture of Fe and FesC, called pearlite, is in equilibrium with 
the solid solution of FeaC in Fe. As the austenite breaks down into Fe and Fe^C, 
it passes through the stages called martensite, troostite, and sorbite. The transition 
to martensite takes place so readily that austenite is seldom found in commercial 
steels. Troostite and sorbite have been called colloidal solutions of FesC in Fe. 

The point P on the diagram has been called the eutectoid point, but the name pearl¬ 
ite is commonly given to the Fe-C alloy of this composition because, when the 
annealed sample is polished and etched slightly, the eutectoid shows under the 
microscope a luster similar to that of mother of pearl. 

If a sample of Fe-C alloy with, say, 1 per cent of carbon is cooled slowly from the 
molten state and the temperature is plotted against the time, the rate of cooling 
will lag a little, showing an evolution of heat due to the separation of a solid, when the 






CARBON IN IRON AND STEEL 


249 


line DE is reached. The solid that separates out is austenite of the composition 
corresponding to that temperature, as is shown by drawing a horizontal line across 
to the line DB. As the temperature falls, the freezing point of the alloy follows the 
line DE and the carbon content of the solid solution follows the line DB. Since less 
than 1.7 per cent carbon is present, the only produ(*t on solidification will be austenite. 
If more than 1.7 per cent of carbon is present some eutectic will be formed at 1100°, 
the amount increasing as the C content approaches 4.3 per cent; an alloy of 4.3 
per cent C and 95.6 per cent Fe will solidify entirely at 1100° and show a melting 
point as sharp as if it were a pure compound. 

The region above the lines DEC in the diagram represents molten metal and a 
field of bivariant equilibrium. The region DBPF represents austenite, or solid 
solution, and another field of bivariant equilibrium. The lines FPB show where the 
solid solution should break down, and on these lines there is univariant equilibrium 
except at the point P. FP shows where pure Fe separates out until, at 700°, pearlite 
is deposited. The line BP is where Fe. 3 C separates out. 

On the diagram three critical points are shown at Avi, and ylrs. These are 
said to mark three nllotropic forms of Fe: a-Vc is stable below 767°, /ii-Fe between 
767° and 1 K) 0 °, and 7 -Fe above 900°. Carbon is solu})le only in 7 - 1 'e, so that we may 
say that the field DBPF represents the region where a solution of C (or of FeaC) 
in 7 -Fe exists. 

All the transformation points in the equilibrium diagram are found a few degrees 
higher when they are approached with rising temperature, and that is why a distinc¬ 
tion is made between Ari, Ar^y Arz and Aci, Acz the letters r and c referring 
respectively to the ITencli words refroidi'itiemerit and chaujjage. 

A sample of steel cooled slowly so that all the transformations are allowed to take 
place should contain ferrite pearlite if it contains less than 0.85 per cent C and 
cementite 4- pearlite if it contains more than 0.85 per cent C. If the steel is cooled 
rapidly (quenched) from a temperature above the FPB line, the condition existing 
at the temj:>erature from which the quenching took place is retained. The steel is 
in a strained state and is very much harder than if it had been allowed to cool slowly. 
If the steel is heated the transformation into the stable condition begins to take 
place before the FPB line is reached. 

On slow cooling of irons the metal should consist of austenite + eutectic or ce¬ 
mentite ■+■ eutectic, but the FeaC is not very stable and it may break down into Fe 
and C. The presence of silicon tends to hasten this change, and when the C has 
deposited as graphite we have a gray cast iron. Sulfur tends to prevent this breaking 
down of the FegC, and when no graphite is formed we have a white cast iron which is 
very hard and also brittle. 

This is not the place to go deeply into the metallography of iron and steel, but it 
seems desirable that every analyst should know that the condition of the carbon is 
just as important as the quantity of carbon in determining the properties of steel 
and that the heat treatment given the steel may change its properties entirely. 

The chemist distinguishes between total carbon, combined carbon, and graphite. 
In steel, usually no uncombined carbon is present; and although attempts have been 
made to distinguish between combined carbon that is present as cementite, FeaC, 
and that present in solid solution (martensite, austenite, etc.), which has been called 
“hardening carbon,’^ the total carbon is the only determination that the chemist is 
usually asked to make on steel. In the analysis of irons, usually the total carbon and 
the graphite are determined and the combined carbon is found by difference. 
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In the chemical analysis of iron and steel the total carbon is usually 
obtained by combustion. In this country, this is usually done in the 
dry way with an electric furnace. In some parts of Europe a wet com¬ 
bustion, or oxidation by a mixture of chromic and sulfuric acids, is pre¬ 
ferred. For a long time it was considered desirable to remove the iron 
by volatilization in a stream of chlorine (Wohler) or by treating the metal 
with a solution of double chloride of copper and potassium (Berzelius- 
Richter), but at a temperature of 1100° it is possible to get complete 
oxidation of the sample without removing the iron, and the procedure is 
thus shortened. 

The combined carbon is sometimes determined quickly by matching 
the color of the solution obtained by dissolving the steel in nitric acid, 
but the color is not strictly proportional to the carbon content and a 
hardened steel gives a different color from that given by an annealed 
steel with the same carbon content. If speed is required, it is possible 
to determine carbon by combustion in less than 10 minutes, so that there 
is no longer any excuse for carrying out the colorimetric determination 
except in small steel works with limited laboratory equipment. 


Determination of Total Carbon by Direct Combustion in Oxygen 

Combustion tube and furnace. — The combustion should take place 
in a platinum, glazed porcelain, or silica combustion tube, which is so 
arranged that no compounds of carbon other than those obtained from 
the burning sample can possibly contaminate the current of gases flow¬ 
ing through it. The temperature of the portion of the tube occupied 
by the sample should be maintained between 1050 and 1100° and the 
furnace should preferably be of the electric resistance type (Fig. 38). 

Boats and lining. — Platinum, nickel, alundum, or clay boats may 
be used, provided that the nickel, alundum, and clay boats are first 
proved to give no blank or a constant one of not over 0.0005 g. The 
lining or bedding material for the sample may be alundum, chrome 
brick, emery, or sand, provided the combined blank of boat and lining is 
constant and not over 0.0005 g. To prevent injuring the combustion 
tube a shield of pure sheet nickel should encase the boat when in the 
tube. 

Absorption tubes. — The glass absorption tube (Af, Fig. 38) should be 
filled with soda-lime with phosphorus pentoxide on top or with ascarite 
(asbestos impregnated with anhydrous NaOH), using a plug of cotton at 
the top and bottom to prevent any loss of dust while the gas is passing 
through it. It should stand 20 minutes by the balance case before 
weighing. It should always be weighed filled with oxygen and against a 
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counterpoise. The absorption tube should be followed by a phosphorus 
pentoxide guard tube and a bubble tube containing a saturated solution 
of barium hydroxide as an “ exhaustion indicator.” 

The combustion train recommended by Stetser and Norton * is shown 
in Fig. 38. A and B are 8-1 aspirator bottles, B is filled with oxygen 
through the reducing valve N ; the upper bottle is graduated for each 
250 ml. The pressure of water from A forces oxygen into the furnace 



and the volume used is measured by the fall of water in ^4. C is a glass 
stopcock to be closed when filling B with oxygen. D is an empty 
safety bottle. Bottle E is one-third filled with concentrated sulfuric 
acid, and F contains ascarite. J contains 80-mesh zinc and K a little 
concentrated sulfuric acid. M is the absorption bulb with ascarite 
which is a dehydrating agent itself so that no phosphorus pentoxide 
is required. Two of the ascarite bulbs should be filled and one used 
as a tare in weighing the other. A pair of the bulbs should accomplish 
about 140 combustions. 


* Iron Age, 102, No. 8. 
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The directions of Stetser and Norton emphasize the following pre¬ 
cautions which are necessary for accurate work. 

1. First test the apparatus to see if it is tight; with C open and K 
closed the pressure from A should not cause gas to bubble through E 
and K after a few minutes. Then close C and slowly open the stop¬ 
cock on K. Fill B with water, open the gas regulator valve, and force 
the water from B into A. When A is full of water, close the regulator, 
and the train is ready for combustion. 

2. For the combustion of 1 g of steel, about 300 ml of oxygen are 
required. Allow about 500 ml for the combustion and an equal vol¬ 
ume to sweep out the carbon dioxide into the absorption tube. The 
gas will flow rapidly through the liquid in E when the sample starts to 
bum and will slacken when the combustion is finished. Place ignited 
asbestos in the front end of the tube. 

3. A freshly filled absorption bulb should be run on the train for an 
hour and then weighed. Pass 2 1 more of oxygen through the hot 
furnace and again weigh. The bulb should show less than 1 mg change 
in weight. It is well to check th(' efficiency of the apparatus by oc¬ 
casionally running a standard steel which can be obtained from the 
Bureau of Standards at Washington, D.C. 

Procedure, — Connect the absorption tub(* Af, with the cocks closed, 
to the train shown in Fig. 38, th(^ guard tube, and the exhaustion in¬ 
dicator.” Place 1“3 g of weighed sample free from oil in a furrow in the 
bedding material in the boat so that the particles are in intimate contact. 
Introduce the boat into the hot combustion tube, close the tube, open 
the absorption tube, and turn on the current of oxygen. The rate of 
flow of the oxygen should be between 200 and 400 ml per minute and 
should continue for 10 minutes. Then close the absorption tube, turn 
off the oxygen, and place the absorption tube in the balance case. Re¬ 
move the boat from the tube and examine the oxide of iron for complete 
fusion. If the fusion has not been complete repeat th(i determination. 

The absorption tube and counterpoise, before being placed on the 
balance pan, should both be momentarily opened to the air to bring the 
pressure inside to that of the atmosphere. The increase in weight of 
the tube multiplied by 27.3 and divided by the weight of the sample 
in grams is equal to the percentage of carbon. 

Note: In the case of alloy steels it is advisable to heat the chips to dull redness 
before turning on the oxygen and to employ a temperature of at least 1100° C. 
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Determination of Graphite 

Dissolve 1 g of cast iron in 50 ml of 6 AT nitric acid in a 300-inl beaker 
and heat gently until there is no further evolution of gas. By this 
means the carbide carbon is dissolved while the graphite is not attacked. 
Filter the solution through an ignited asbestos filter and wash the resi¬ 
due with hot water, then with a hot solution of potassium hydroxide 
(d.1.1), followed by hot water, dilute hydrochloric acid, and finally with 
hot water again until free from chloride. After drying at 110°, transfer 
the asbestos and graphite to a combustion tube and burn the carbon 
in a current of pure oxygen as described on p. 252. 

Instead of absorbing the C ()2 formed by combustion and basing the analysis upon 
the gain in weight of the absorption tube a number of other methods have been 
devised. Often the C ()2 is absorbed in a solution of Ba(OH) 2 . If a measured volume 
of barium hydroxide solution of known strength is used, the excess can be determined 
by titration with acid until the solution is no longer alkaline to phenolphthalein; 
none of the BaCOg precipitate dissolves until after the solution is acid to phenolph¬ 
thalein. Sometimes the precipitated BaCOa is filtered off and dissolved in a measured 
volume of HCl solution; the excess acid is determined by a back titration with NaOH 
to a methyl orange end poirit. In other cases, the determination has been based 
upon the measurement of the temperature of the Ba(()H )2 and its electrical conduc¬ 
tivity before and after the absorption; this method is excellent and rapid. Some¬ 
times the volume of CO 2 formed has been measured (gas volumetric method). 


Home Problems 

28. If a 3-g sample of iron containing 1.15 per cent carbon is analyzed by direct 
combustion, what will be the gain in weight of the ascarite tube? If the Cain method 
is used and the gas is passed through 100 ml of A /12 Ba(On)>, how many milliliters 
of A /10 HCl would be required to dissolve the filtered BaCOs precipitate? 

29. What is the percentage of carbon in a 5-g sample of steel if on combustion the 
ascarite tube gains 0 . 1 (K )1 g in weight? Using the same weight of sample and pass¬ 
ing the gas into Ba( 011)2 solution, what must be the normality of an HCl solution 
so that the number of milliliters required to titrate the BaCOs precipitate will be 25 
times as large as the percentage of carbon? 

30. A sample of steel weighing 4 g is to be analyzed for carbon by passing the 
gaseous combustion products through 50 ml of standard Ba(OH )2 solution, filtering, 
and titrating the filtrate with standard HCl solution. It is desired to prepare the 
two solutions of such normality that by subtracting the buret reading from 100 the 
resulting value will be 30 times the percentage of carbon. What must be the two 
nonhalities? 

31. What weight of steel should be taken for analysis by the gas-volumetric 
method such that each milliliter of CO 2 (S.T.P.) will represent 0.1 per cent of C in 
the sample? 

32. Find the percentage of carbon in a sample of steel if the CO 2 from 2 g of sample 
is absorbed in 80 ml of Ba(OH )2 solution containing exactly 20.00 g Ba(OH) 2*8 H 2 O 
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per liter and after the absorption 24.0 ml of 0.25 N HCl is used in titrating the 
excess absorbent. 

33. Using samples of steel weighing 2 g each, what strength HCI should be used 
in titrating the excess Ba(OH )2 such that each milliliter of HCl corresponds to 0.03 
per cent C? 



CHAPTER V 


NICKEL, CHROMIUM, AND VANADIUM IN IRON 
AND STEEL 

Nickel is added to steel to increase the strength and elastic limit 
without reducing the ductility. It forms with iron a complete series 
of homogeneous solid solutions (mixed crystals). Nickel is sometimes 
used alone as alloying ingredient of steel in quantities up to 5 per cent 
but is also used together with chromium for making heat-resisting and 
corrosion-resisting materials; usually about 2 parts of nickel to 1 of 
chromium are used. Chromium imparts hardness and resistance to 
corrosion. Vanadium can serve both as a deoxidizing and as an alloy¬ 
ing constituent. Usually a cheaper deoxidizing agent is used although 
it has been claimed that a little ferrovanadium helps greatly to produce 
sound ingots. Chrome-vanadium steels are used extensively in auto¬ 
mobile parts which require a high elastic limit and great ductility. 

Nickel can be separated from ferric ions in a number of different ways: (1) A fair 
separation can be accomplished by pouring the solution into an excess of ammonium 
hydroxide solution. The iron is precipitated as ferric hydroxide, and the nickel 
stays in solution as nickel-ammonia complex ions; the presenc'C of ammonium salt 
also represses the ionization of ammonium hydroxide so that the solubility product 
of nickelous hydroxide is not reached even when insufficient ammonia is present to 
form the pale blue complex ions. The separation accomplished with ammonia and 
ammonium salt is never perfect; the ferric hydroxide adsorbs a little nickel even 
after the precipitation has been repeated several times. 

(2) Ferric ions can be precipitated by the so-called “basic acetate^' method. By 
boiling the dilute acetic acid solution in the presence of excess sodium acetate, the 
ferric ions are precipitated completely as basic ferric acetate but the solution does 
not become sufficiently basic to precipitate nickelous hydroxide. Ferric ions are 
precipitated by hydrolysis at Ph 4.3, but basic nickelous salts are not formed at 
pH < 6.7. This separation is good but somewhat tedious. If a large sample is 
taken for analysis, the basic ferric acetate precipitate is very bulky, slow to filter, and 
hard to wash. 

(3) Ferric ions can be precipitated by adding barium carbonate to the cold dilute 
solution. This method was formerly used a great deal in qualitative analysis, but 
the fierric hydroxide precipitate is bulky and slow to filter. 

(4) Rothe's ether separation (cf. p. 279) can be used to remove the greater part 
of the ferric chloride from a solution, and the problem of separating a small quantity 
of iron from nickel by one of the above methods is not as difficult as when much iron 
is present. 

(6) Ferric ions can be precipitated completely by ammonia without dragging down 
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nickel if the slightly acid solution is treated with just a little more KCN than is 
sufficient to form K 2 [Ni(CN) 4 ] and is then poured into a dilute solution of NH 4 OH. 

(6) Cupferron, C 6 H 5 (NO)NONH 4 , serves to precipitate iron, vanadium, titanium, 
and zirconium from an acid solution. The excess reagent remains in solution with 
the nickel and has to be taken into consideration. 

Correct determinations of nickel in steel can be accomplished without bothering to 
remove the ferric ions by any of the above methods. The two most useful methods 
for determining nickel in steel are the gravimetric determination as the salt of 
dimethylglyoxime, CIIa-CNOH-CNOH-CHs, and the volumetric determination by 
titration with potassium cyanide solution. If tartaric acid or other substance that 
forms complex ions is added to prevent precipitation of ferric ions upon making the 
solution ammoniacal, either determination can take place without removing the 
iron from the solution. 

Very accurate nickel results can be obtained by the electrolysis of strongly am¬ 
moniacal nickel sulfate solutions containing considerable ammonium sulfate, but 
the gain in accuracy in steel analysis is not commensurate with the greater labor 
required to remove the iron before the electrolysis. In the analysis of alloys rich 
in nickel, the electrolytic method has the advantage that a larger sample can be 
used, but the idea is fallacious that better results are likely to be obtained by dis¬ 
solving a dimethylglyoxime precipitate in acid, oxidizing the organic material, and 
then carrying out an electrolysis than by weighing the nickel dimethylglyoxime 
precipitate. 


Determination of Nickel in Steel as the Salt of Dimethylglyoxime 

Dimethylglyoxime, CTIs CNOH-CNOII CHa, was recommended by L. Tsohu- 
gaeff* as a reagent for nickel and used by K. Krautf for detecting the presence of 
traces of nickel in ashes. (). BrunckJ and others have also studied the reaction and 
found it to furnish a most rapid and accurate method for the quantitative estimation 
of nickel either by itself or in the presence of cobalt, zinc, and manganese. If the 
solution contains tartaric acid enough to prevent the precipitation of iron by am¬ 
monia, the nickel in a sample of nickel steel can be determined accurately within 
2 hours and without the removal of any other metal. 

When a dilute, neutral solution of a nickel salt is treated with an alcoholic solution 
of dimethylglyoxime, a red, crystalline precipitate of nickel dimethylglyoxime is 
formed. 

NiCb + 2 (CH3)2C2(N0H)2 = [(CH 3 ) 2 C 2 NOH-NOl 2 Ni -f 2 HCl 

Dimethylglyoxime Nickel dimethylglyoxime 

The salt is soluble in mineral acids so that precipitation is incomplete because of 
the acid set free in the reaction. It becomes quantitative, however, if the mineral 
acid is neutralized by ammonia or if sodium acetate is added, whereby the mineral 
acid is replaced by acetic acid in which the precipitate is practically insoluble. Large 
quantities of ammonium salts or of alkali acetate do no harm, but an excess of am¬ 
monia tends to retard the formation of the precipitate. The precipitate is dis¬ 
tinctly soluble in absolute alcohol, but only traces dissolve in 50 per cent alcohol, 
and in more dilute alcohol it is even less soluble. When thrown down in the cold 

* Z, an(yrg. Chem., 46, 144 (1905); Ber., 38, 2520 (1905). 

t Z, angew. Chem., 19, 1793 (1906); ibid., 20 , 1844 (1907). 
t Ibid.y 20, 834 (1907), Stahl und Eisen, 28, 331. 
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or in the presence of much free ammonia the precipitate is very voluminous and hard 
to filter. 

Procedure, — Dissolve 0.5 of steel in 20 ml of 6 N hydrochloric acid. 
To the resulting solution add 5 ml of concentrated nitric acid and boil 
2 minutes to oxidize iron. Dilute to 100 ml and filter if there is any 
perceptible residue. Add 3 g of tartaric acid and make the solution 
ammoniacal and then barely acid with acetic acid. Dilute to 300 ml, 
heat nearly to boiling, and treat with 30 ml of a 1 per cent alcoholic 
solution of dirnethylglyoximc'.* Finally make slightly ammoniacal, 
adding enough ammonia to make the solution barely smell of this re¬ 
agent. Allow the solution to stand in a warm place for 15 minutes 
and then cool for half an hour or longer. Finally filter the solution 
through a Gooch or Munroe crucible, wash thoroughly with hot water, 
dry at 105° for 90 minutes, and weigh as Ni(C4H7N202)2. To the filtrate 
add 10 ml more of dimethylglyoxirne reagent and make sure that the 
solution is barely alkaline. There should be no furtlu'r precipitation. 

By this m(^thod the nickel in a sai|iple of steel can be determined 
within about 2 hours. The r(\sults are accurate, but lower than are 
sometimes obtained in practice whcui the cobalt is detcTinined with the 
nickel. Th(‘ precipitate' is too voluminous to handle' easily when the 
solution contains more than 0.1 g of nickel. 


Determination of Nickel by Potassium Cyanide f 

This method, which permits the volumetric estimatie)n of nickel with 
speed and accuracy even in the presence of iron, manganese, chromium, 
zinc, vanadium, me)lybdenum, and tungsten, depenels upon the fact 
that nickel ions react with potassium cyanide in slightly ammoniacal 
solution, to form a complex anion [Ni(CN) 4 ]"~ 

Ni(NH3)6Cl2 + 4 KCN = K2[Ni(CN)4] + 6 NH 3 + 2 KCl 

If the solution of the nickel salt contains a precipitate of silver iodide, 
produced by adding a known amount of silver nitrate and a few drops 

* The volume of the alcoholic solution should in no case be more than half that 
of the nickel solution, as the precipitate is slightly soluble m alcohol. About 0.4 g 
of the glyoxime should be used for each 0.1 g of nickel. A deep red color in the 
solution shows that ferrous iron is present. 

t Cf. Campbell and Andrews, ./. Ain. Chein, Soc.^ 17, 126 (1895); Moore, Chem. 
Newsj 72, 92 (1895); Goutal, Z. angew. Chem.y 1898, 177; Brearley and Jarvis, 
Chem. NewSf 78, 177 and 190 (1898); Johnson, J, Am. Chem. Soc., 29, 1201 (1907); 
Campbell and Arthur, ibid.^ 30, 1116 (1908); and Grossmann, Chem. Ztg., 32, 1223 
(1908). 
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of potassium iodide solution, the turbidity will not disappear until all 
the nickel has entered into reaction with the potassium cyanide. 

Agl + 2 KCN = K[Ag(CN)2] + KI 

The titration is finished by adding just enough more silver nitrate to 
cause the precipitate of silver iodide to reappear. 

I + Ag+ = Agl 


Requirements. — 1. A nickel solution of known content. Dissolve 10 g of pure 
nickel in 125 ml of 6 A nitric acid, boil off the nitrous fumes, and dilute with water 
to 1 1 at 20°. 

2. A silver nitrate solution. Dissolve 5 g of silver nitrate in water and dilute to 1 1. 

3. A potassiujn cyanide solution. Dissolve 15 g of pure potassium cyanide and 
dilute to 1 1. 

4. A potassium iodide solution. Dissolve 10 g of potassium iodide in 100 ml 
of water. 


Simidardization of the Potasfififh Cyanide Solution. — To 10 ml of 
the nickel solution, accurately measured with a pi pet, add ammonium 
hydroxide in slight excess, dilute to 100 ml, add 6 drops of potassium 
iodide solution and about 1 ml of silver solution from a buret, noting 
the reading of the buret before adding the silver solution. From an¬ 
other buret, slowly run in potassium cyanide solution, with constant 
stirring, until the silver iodide precipitate dissolves. Then very care¬ 
fully add silver nitrate solution until a permanent turbidity is formed 
and dissolve this by careful addition of mon^ potassium cyanide solu¬ 
tion. Since the potassium cyanide solution decomposes slowly, this 
titration must be made every day that the solution is used. 

Next determine the relative strengths of silver solution and potas¬ 
sium cyanide solutions. From a buret, add 30 ml of the latter, neu¬ 
tralize with ammonia, dilute, add potassium iodide, and titrate in ex¬ 
actly the same way as just outlined. 

From this last titration in which a milliliters of silver nitrate were 
found equal to b milliliters of potassium cyanide, 1 ml of AgNOs solution 

= ~ milliliters of KCN solution. If T milliliters of potassium cyanide 

and t milliliters of silver nitrate were used in the titration of 10 ml of 
nickel solution ( = 0.1 g Ni) then 

1 ml of KCN solution = — --r - grams Ni 

T 

a 
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Analysis. — To 100 ml of solution containing approximately 0.1 g of 
nickel, add ammonium hydroxide * and continue exactly as in the above 
standardization with pure nickel solution. 

F. Sutton t states that, instead of working with two solutions, equally 
reliable results can be obtained by using a potassium cyanide solution 
to which a little silver nitrate has been added. Thus, to the above 
solution of potassium cyanide there may be added about 0.50 g of silver 
nitrate which is first dissolved in water by itself. If this solution is 
used for titrating a nickel solution to which potassium iodide solution 
has been added, a precipitate of silver iodide is formcid at once which 
increases at first on adding the potassium cyanidc-silvcT nitrate solution 
until all the nickel is converted into potassium nickelocyanide, but 
the precipitate eventually disappears upon th(i further addition of the 
solution. 

Remarks. — Instead of titrating the potassium cyanide against a known nickel 
solution, the standardization may be accomplished with 0.1 N silver nitrate solu¬ 
tion. In this case it is best to take as end point the formation of a slight turbidity 
on adding silver nitrate, rather than the dissolving of the precipitate with potas¬ 
sium cyanide. One milliliter of 0.1 N silver nitrate solution = ().0bl02 g of KCN = 
0.002934 g of Ni. 

The method can be carried out in the presence of most of the other elements 
of the ammonium sulfide group. If a clear solution is not obtained on adding 
ammonium hydroxide, the addition of ammonium chlf>ride sometimes helps. If 
copper is present in amounts not ex(*eeding 0.4 per (*ent, the copper will replace 
almost exactly three-quarters of its weight of nickel. If chromium is present, the 
dark color due to preseiu'e of chromic salts may be obviated by adding to the original 
sulfuric acid solution a 2 per cent solution of potassium permanganate until a slight 
permanent precipitate of manganese dioxide is obtained, whereby the chromium 
is oxidized to chromic acid. Filter the solution, concentrate in a 4()0-ml beaker to 
about 60 ml, then treat with sodium pyrophosphate, as described below. The 
method is not applicable in the presence of (‘onsiderable cjobalt, the presence of which 
is betrayed by the solution assuming a dark color upon the addition of potassium 
cyanide, but when the amount of the latter does not exceed one-tenth the amount 
of nickel present, the titration can be carried out successfully and the results represent 
the amount of nickel and cobalt present. 

Zinc causes trouble unless alkali pyrophosphate is added. The titration can be 
carried out in the presence of aluminum, iron, and manganese if citric or tartaric 
acid or sodium pyrof)ho8phate is added. 

The temperature of the solution should not be much above 20°, for in hot solu¬ 
tions the results are not concordant. The quantity of ammonia present should not 
be too great, because there is a tendency for ammonia to impede the reaction if more 
than a slight excess is present. Potassium cyanide containing sulfide cannot be 
used; the reagent should be the purest obtainable. The results are accurate. The 

• If the addition of ammonia does not give a clear solution, a few cubic centi¬ 
meters of ammonium chloride solution should be added. 

f Volumetric AnalysUf 8th edition, p. 252. 
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method has been modified so that it can be used to advantage for the determination 
of nickel in nickel steel. 

Determination of Nickel in Nickel Steel 

Dissolve 1 g of steel in a casserole with 10-15 ml of 6 of nitric acid 
•{d.1.2), adding a little hydrochloric acid if necessary. After the steel 
has dissolved, add 6-8 ml of 18 N sulfuric acid, and evaporate the solu¬ 
tion until fumes of sulfuric anhydride are evolved. Cool, add 30-40 ml 
of water, and boil the contents of the casserole until all the ferric sulfate 
has dissolved. Transfer the solution to a 400-ml beaker, filtering if 
necessary, and add 13 g of sodium pyrophosphate * dissolved in 60 ml 
of water at about 60°. The pyrophosphate solution must not be boiled, 
as this causes the formation of normal phosphate. The addition of the 
sodium pyrophosphate causes the formation of a heavy white precipitate 
of ferric pyrophosphate. Cool to room temperature, and add 6 N 
ammonia drop by drop, while stirring constantly, until the greater part 
of the precipitate has dissolved and the solution has assumed a greenish 
tinge. At this point, it should react alkaline toward litmus and smell 
slightly, but not too strongly, of ammonia. Now gently heat the solu¬ 
tion, while stirring; the remainder of the pyrophosphate will dissolve, 
giving a perfectly clear light green solution. If the ammonia is added 
too fast, or the solution is not carefully stirred, a brownish color is 
likely to result, but this can usually be overcome by carefully adding a 
few drops of dilute sulfuric acid. Cool the clear solution to room tem¬ 
perature; add 0.5 ml of the standard silver nitrate solution and 2 ml of 
the potassium iodide. Titrate with potassium cyanide until the pre¬ 
cipitate of silver iodide has disappeared, and finish by adding just enough 
more of the silver nitrate to cause the formation of a slight turbidity 
again. 


Chromium in Steel 

Chromium, when present as trivalent chromic cations, is very similar to ferric 
iron with respect to its behavior toward many reagents. Practically all methods 
for determining chromium in iron and steel are based upon its oxidation to the val¬ 
ence of 6 as chromic acid, dichromate, or chromate. Small quantities of chromium 
can be determined colorimetrically, but quantities larger than a few hundredths 
of 1 per cent are usually determined by adding a measured volume of reducing agent, 
usually acid ferrous sulfate solution, and titrating the excess with potassium per¬ 
manganate solution. A great many different methods have been proposed for 
carrying out the oxidation. 

* Instead of using sodium pyrophosphate to prevent the interference of iron and 
other metals, many chemists use citric or tartaric acid. In this case the solution is 
dark colored and the end point a little harder to detect. 
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(a) The Barba Method * 

Principle, — The steel is dissolved in dilute sulfuric acid, the iron is oxidized to 
the ferric state by means of nitric acid, and the chromium is oxidized^ by the addition 
of strong permanganate solution. The excess of the latter is destroyed by boiling 
in ammoniacal solution, the solution is acidified again, the precipitated manganese 
dioxide filtered off, a known volume of standard ferrous sulfate solution is added to 
an aliquot part of the filtrate, and the excess of the latter is titrated with perman¬ 
ganate. 


Procedure. — Dissolve exactly 1.25 g of steel in 20 ml of 6 JV sul¬ 
furic acid, and when the sample has dissolved, add concentrated nitric 
acid, drop by drop, until all the iron is oxidized to the ferric state. Boil 
the solution to remove nitrous fumes, dilute to 150 ml, add 5 ml of 6 per 
cent potassium permanganate solution and boil briskly for 15--20 min¬ 
utes. Remove from the hot plate, wash the sides of the beaker with 
water and pour 25 ml of concentrated ammonium hydroxide down 
the sides of the beaker. Stir the liquid vigorously and place on the 
cooler part of the hot plate, for if it is heated too rapidly there is likely 
to be loss by bumping.^^ Digest with occasional stirring for 15 min¬ 
utes, or until the permanganate is all decomposed as shown by the 
disappearance of the pink color. Then carefully add 20 ml of 16 N 
sulfuric acid and heat the solution to boiling. Transfer to a 250-ml 
measuring-flask, cool to room temperature, and dilute to the mark. 
Aftet thoroughly mixing by pouring back and forth several times into 
a dry beaker, filter the solution and use exactly 200 ml (1 g of metal) 
for the rest of the analysis. Add 50 ml of standard ferrous sulfate 
solution (see p. 87), and titrate the excess with 0.1 A' permanganate. 

' Computation. — When the ferrous sulfate solution is added, the 
chromium is reduced from chromic acid to chromic salt in accordance 
with the following equation: 

2 H2Cr04 + 6 FeS04 + 6 H 2 SO 4 = Cr2(S04)3 + 3 Fe2(S04)3 + 8 H 2 O 


The ferrous sulfate solution is not very stable and should be titrated 
against the permanganate at the same time the analysis is made. If 
50 ml of the ferrous sulfate solution are equivalent to Ti milliliters of A- 
normal permanganate, and T 2 milliliters of permanganate were used in 
titrating the excess of ferrous sulfate in the analysis of s grams of sted, 
then 


(Ti ~ Ta) X A X 1.734 
s 


per cent Cr 


/. Iron and Steel Institute^ 1893, ii, 536; Iron Age, 52, 153. 
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(6) Sodium Bismvthcde Method 
1000 ml of 0.1 N KMn 04 = 1.734 g Cr 

Principle. — Sodium bismuthate, NaBiOs, is often used for oxidizing manganese 
from the bivalent to septa valent condition (cf. p. 239). This oxidation takes place 
best in a cold solution containing 20-40 per cent of nitric acid (free from nitrous acid) 
in a volume of 50-100 ml.* MoreoAcr, an excess of sodium bismuthate should be 
present and the solution must not stand long. Under these conditions scarcely any 
chromium is oxidized so that the manganese may be determined by the bismuthate 
method even when chromium is present.f If the solution is heated to boiling, the 
permanganate is decomposed and the manganese is precipitated as manganese 
dioxide. Chromium, on the other hand, is oxidized in hoi solutions from the tri- 
valent to the sexavalent condition, and the chromic acid is not decomposed by boil¬ 
ing unless some reducing agent is present. In hot solutions, therefore, it is possible 
to oxidize the chromium by sodium bismuthate, to filter off the precipitated man¬ 
ganese dioxide, and to determine the chromium in the filtrate by adding a known 
volume of standard ferrous sulfate solutioii and titrating the excess as in {a). 

Procedure. — Dissolve 2 g of steel in a 250-ml Erlenineyer flask in 
50 ml of 4 iV nitric acid. If then* is any carbonaceous residue, as in 
the analysis of cast irons, it must be removed and should be filtered 
off and examined for chromium by fusion with an alkaline oxidizing 
flux. If the metal is difficultly soluble in nitric acid, it is sometimes 
necessary to add sulfuric acid to hasten the solution. 

When the sample is entirely dissolved, cook the solution to between 
65° and 75° and add 2 g of sodium bismuthate. Agitate the contents 
of the flask for a few minutes, and then wash down the sides of the 
flask with a little water. Heat the solution and gently boil until all 
the permanganate formed from the manganese in the steel is decom¬ 
posed as shown by the color. This usually requires about 15 minutes. 
Add 50 ml of 0.5 N nitric acid, and filter off any precipitated manganese 
dioxide or undissolved sodium bismuthate on an asbestos filter. Wash 
the residue 3 times with 50-ml portions of the dilute nitric acid. Cool 
to room temperature by running tap water over the flask and finally 

* William Blum, J. Am. Chem. Soc., 34, 1395. 

t This statement has been made by several writers, but considerable evidence 
has accumulated to prove that, as ordinarily carried out in the laboratory, the bis¬ 
muthate method for the determination of manganese in a steel containing chromium 
is likely to give high results owing to a partial oxidation of chromium by the bis¬ 
muthate. If the essential conditions with regard to temperature, acidity, and time 
allowed for the completion of the reaction are adjusted very carefully it is probably 
possible to get accurate results in the manganese determination, but in ordinary 
practice it is advisable to separate the manganese and chromium by precipitating the 
latter. This can be accomplished satisfactorily by means of zinc oxide (cf. Volhard 
method, p. 244). The manganese can then be determined by the bismuthate method 
in an aliquot part of the filtrate. 
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dilute with distilled water to 500 ml. Add a measured volume of 
ferrous sulfate solution and titrate the excess with permanganate as 
in (a). 

Determination of Chromium and Vanadium in Alloy Steel * 

In this procedure the manganese, chromium, and vanadium are first obtained in 
the bivalent, trivalent and (Quadrivalent states respectively by dissolving in acid. 
By the action of persulfate in the presence of silver salt as catalyzer, the bivalent 
manganese is oxidized to the valence of 7, the trivalent chromium to the valence 
of 6, and the quadrivalent vanadium to the valence of 5. By the addition of a 
limited quantity of c.hloride, the permanganic acid is reduced to manganous salt 
and the excess persulfate is removed by boiling. The chromic a(;id is then reduced 
to chromic salt by a measured quantity of ferrous solution, and the excess titrated 
with permanganate. The chromium content corresponds to the amount of ferrous 
salt required. The vanadium, to be sure, is reduced to vanadyl salt by the ferrous 
iron but is again oxidized to vanadic acid by the permanganate so that it affects 
tlie analysis only by making the end point a slow one. 

After the titration, all manganese is })resent as manganous salt, all chromium as 
chromic salt, and all vanadium as vanadate. Another portion of ferrous salt serves 
to reduce the vanadium to (Quadrivalent vanadyl salt. The excess ferrous iron can 
be oxidized by stirring with Q)ersulfate solution without oxidizing the vanadium 
and the vanadyl salt can be titrated with permanganate. 

Procedure. — Weigh out 2 g of sample, or loss if more than 2 per cent 
of chromium is present, into a 600-ml beaker, and cover it with a mix¬ 
ture of 45 ml water, 12 ml concentrated sulfuric acid, and 6 ml of 
phosphoric acid, d.1.7. Heat until there is no further action, add 5 ml 
of concentrated nitric acid, and boil to decompose carbides and oxidize 
the iron. (If a yellow rc^sidue of tungstic acid is formed, filter it off 
and reject it. If a black carbide residue remains, filter, ignite, fuse 
with sodium carbonate, and add the aqueous extract of the melt to 
the main solution.) Dilute to about 300 ml; add 10 ml of 0.1 N silver 
nitrate and 15 ml of freshly prepared 8 per cent ammonium persulfate 
solution. If a permanganate color does not develop from the man¬ 
ganese in the steel, add more silver nitrate and more persulfate. Then 
boil 8 minutes to decompose the excess persulfate, add 2 ml of 
6 N hydrochloric acid, and heat 10 minutes after the permanganate 
color, or any precipitated manganese dioxide, has disappeared. Dilute 
to 400 ml, add 25 ml of 0.1 N ferrous ammonium sulfate solution from 
a pipet, and test a drop of the solution on a white background with 
a freshly prepared solution of potassium ferricyanide. If the blue 
test is not obtained, add another portion of ferrous salt. Titrate the 

* Procedure based on Methods of the Chemists of the United States Steel Cor¬ 
poration. Students making the analysis for the first time find it easier to follow 
these directions than those of the preceding method. 
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excess with 0.1 iV permanganate until the pink end point persists after 
stirring for 1 minute. 

In this analysis a perceptible excess of permanganate is required 
because of the dilution and the color of the chromic salt. To allow for 
this error, assume that the milli-equivalent of chromium is 0.01744 
instead of the theoretical value. The end point is a little difficult 
because of the slow rate of oxidation of the vanadium in cold, dilute 
solutions. 

Determination of Vanadium. — After the chromium determination, 
add 5 ml of standard ferrous ammonium sulfate solution from a pipet. 
Stir and test a drop of the solution for ferrous iron with fresh ferricya- 
nide solution, adding another pipetful of ferrous salt if necessary. Add 
8 ml of 15 per cent ammonium persulfate solution and stir 1 minute 
to oxidize the excess of ferrous salt. Then titrate with permanganate 
till the end point persists after 1 minute's stirring. In this case, the 
vanadium is titrat('d directly and 1 ml of 0.1 N permanganate oxidizes 
0.005096 g of vanadium. The error due to dilution and color of the 
chromic ions is positive. From the percentage of vanadium found, 
subtract 0.02 plus 0.018 times the percentage of chromium in the 
sample. 

The imix)rtant chemical reactions involved in the persulfate method for deter¬ 
mining chromium and vanadium in steel can he exprc'ssed by the following equations: 

Oxidation with permlfate in the preticnce of Ag^ ions: 

2 Cr -f 3 8208 ~" + 7 ILO CnO:"" -f- 0 804 "“ -f 14 

2 VO 4 - S^Os™ + 4 H>() 2 HVO, 4- 2 804 "' -h 6 

2 + 5 S 20 h“'“ 4- 8 H 2 O -> 2 IIMn 04 + 10 SO 4 "" 4- 14 

Removal of the catalyzer and reduction of IlMnO^: 

Ag^4-Cr->AgCl 

2 HMn04 + 14 4- 10 CF 2 MiF+ + 8 H 2 O 4- 5 Ch 

Reduction with FeSO^: 

CraOr'" 4- 6 Fe+'^ 4 - 14 H+ 2 Cr+++ 4- 6 Fe^++ -f 7 H 2 O 
HVO 3 4- Fe++ 4 - 3 VO+-^ 4- Fe++-^ 4- 2 H 2 O 

Titration with KMuOa: 

5 Fe-»-^ 4- Mn 04 ' 4 - 8 -> 5 Fe+++ + Mn++ 4- 4 H 2 O 

5 VO++ 4- Mn 04 ~ -h 6 H 2 O 5 HVO 3 4- Mn^+ + 7 

Reduction with FeSOi the second time: 

HVOa 4- Fe++ + 3 H+ VO++ + Fe+++ 4- 2 ILO 

Removal of excess FeSOi the second time: 

2 Fe++ 4- SsOs*” 2 Fe+++ 4- 2 804 "’“ 

Final titration: 

5 VO++ 4- Mn04'' 4- 6 H 2 O 5 HVO 3 4- Mn++ 4 - 7 H+ 
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Home Problems 

34. If 0.8 g of the nickel salt of dimethylglyoxime is heated in a current of air 
so that all the hydrogen is changed to water and the gas then led through a CaCL 
tube, what will be the gain in weight? 

35. A sample of nickel ore yields 0.267 g of Ni and Co by electrolysis and 0.94 g 
of precipitate with glyoxime. Find the percentage of Ni and of Co if the sample 
weighed 0.89 g. 

36. A 2-g sample of steel is analyzed for chromium. A certain volume of 0.1500 AT 
FeS 04 solution is added, and the excess is titrated with 0.1000 N KMn 04 requiring 
30.00 ml. If the sample contained 0.50 per cent Cr, what volume of FeS 04 was 
added? 

37. From the following data compute the percentage of Cr in a sample of steel. 
Weight of sample = 1.850 g. After oxidation with KMn 04 and removal of the excess 
reagent, 150 ml of 0.0800 N ferrous solution are added and the solution then reacts 
with 14.00 ml of 0.0900 N KMn 04 . 

38. What volume of KMn 04 (I ml = 0.005000 g of H 2 C 204-2 ILO) is required 
in the analysis of Cr in steel by the Barba method if the sample weighs 2.52 g, a 
100-ml pipetful of 0.110 N ferrous solution is used for reduction, and the steel con¬ 
tains 0.49 per cent Cr? 

39. Given 0.800 M KMn 04 and 0.0900 N ferrous solution, what weight of steel 
should be taken for analysis by the Barba method such that the milliliters of KMn 04 
equivalent to the ferrous solution used minus the milliliters of KMUO 4 used gives 
5 times the percentage of Cr? 

40. In the analysis of Cr by the Barba method it is desired to take a sample of 
steel such that when the milliliters of KMn 04 used is subtracted from a certain 
number the difference will be 20 times the percentage of Cr. A 100-ml pipetful of 
0.103 AT ferrous solution is used and the titration is made with 0.0850 N KMn 04 . 
What should be the weight of sample and what is the number from which the volume 
of KMn 04 is subtracted? 

41. In the analysis of Cr by the Barba method, instead of using a measured volume 
of standard ferrous solution to reduce the dichromate, pure crystals of Mohr^s salt 
are weighed out and dissolved in the solution. What weight of steel should be taken 
so that, by subtracting the volume of KMn 04 used in titrating from 50 times the 
weight of Mohr^s salt, the difference will be 10 times the percentage of Cr? 

42. Assuming that vanadium, like nitrogen, forms five oxides, and that any other 
oxide is a mixture of two or more of these, compute the apparent valence of the va¬ 
nadium in the reduced condition and show what oxide could give this using the fol¬ 
lowing data: 0.0850 g of Na 2 V 409 after an abnormal reduction was oxidized to the 
quinquevalent condition by 43.14 ml of KMn 04 of which 40 ml reacted with 30 ml 
of potassium tetroxalate which was 0.08 N as an acid. 
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SULFUR, SILICON, AND TUNGSTEN IN STEEL 
SULFUR 

Sulfur occurs in irons and steels chiefly as sulfide of iron, manganese, 
or titanium and represcmts impurity or, in other worlds, enclosed slag. 
Manganese sulfide is the most commonly occurring form, and iron 
sulfide is formed only when more sulfur is present than there is man¬ 
ganese to combine with it. The occurrence of titanium sulfide is rare. 

The eff(‘ct of sulfur present as iron sulfide is to make th(‘ metal 

red short,” i.e., brittle at the forging temperature. The effect is 
overcome by the addition of mangaiK^si', but in some eases the man¬ 
ganese sulfide becomes rolled out into filaments and these are brittle 
and points of weakness. Breaks in the metal often start wluTe there 
is some manganese sulfide; this compound is easily identified in etched 
specimens by its characteristic dove color under the microscope. The 
maximum permissible sulfur content is usually specified among the 
requirements of a given kind of steed. Most stc^els contain less than 
0.05 per cent, but in some samples of stainless steel it may run as high 
as 0.45 per cent. 

Sulfur can be determined colorimetrically by treating the steel with 
acid and causing the escaping gasc's to pass through a cloth which has 
been moistened with cadmium acetate solution. The estimation of 
the sulfur content is then based on a comparison of the tint produced 
with tints produced similarly with steels containing known quantities of 
sulfur. 

In ordinary routine work, sulfur in steel is usually determined by 
the so-called evolution method.” The sample is treated with hydro¬ 
chloric acid and the escaping hydrogen sulfide is collected in some suit¬ 
able absorbent, such as an ammoniacal solution of zinc sulfate or of 
cadmium chloride. The hydrogen sulfide is liberated again by treat¬ 
ment with acid and oxidized at once to free sulfur either by adding 
a measured volume of iodine directly, or indirectly by adding a measured 
volume of potassium permanganate or potassium iodate solution together 
with an excess of potassium iodide, whereby a known quantity of iodine 
is liberated. Finally the excess iodine is titrated with sodium thio¬ 
sulfate. 
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When great accuracy is desired, it is best to oxidize the sulfur to 
sulfate and precipitate this as barium sulfate which can be ignited and 
weighed. Much has been written concerning the difficulty of obtaining 
pure precipitates of barium sulfate, especially in the presence of con¬ 
siderable ferric salt. To overcome this difficulty: (1) it has been 
proposed to remove the greater part of the iron as ferric chloride by 
shaking the HCl solution with ether. This method gives excellent 
results, but the procedure is rather long and work with ether is not 
altog(ither pleasant. (2) Meineke rccommcmded Ireating the sample 
of steel with a slightly acid solution of cupric and potassium chlorkk'S, 
This leaves the sulfur in th(' residue which is filtered off, oxidized by 
HNOs and KClO-i, and eventually precipitated as BaSOi. (3) Barnber, 
on the other hand, evaporated the HNOs solution of the steel to dry¬ 
ness after adding some alkali salt and then, by ignition over an alcohol 
flame, the ferric nitrate was decomposed and made insoluble in water 
while the sulfur was left as soluble alkali sulfat(\ Then, aft(T adding 
acid, th() sulfate was determined as barium sulfate in the usual way. 

In this book directions will be given for simple methods of carrying 
out the gravimetric determination and the evolution method. 

Gravimetric Determination of Sulfur 

Dissolve 4.57 g of steel heating carefully with 50 ml 

of concentrated HNO3. If the sample dissolves very slowly, add a 
little concentrated HCl dropwise at intervals. To the solution add 0.5 g 
of Na2C03, evaporate carefully to dryness, and bake for 15 minutes 
on the hot plate. Cool, add 30 ml of concentrated HCl, and repeat 
the evaporation and baking. Now add 30 ml of concentrated HCl and 
evaporate to a sirup. Add 5 ml more of HCl and 5 g of 20-30 mesh 
zinc, free from sulfur. This serves to reduce the iron to ferrous salt 
which does not interfere as much as FeCU does with the precipitation 
of all SO4”” as pure BaS04. Heat on the water-bath until all the 
ferric ions are reduced and the evolution of hydrogen has nearly ceased. 
Filter and wash with about 75 ml of 0.25 N HCl, added in small por¬ 
tions. Heat to about 70°, and add 10 ml of 10 per cent barium chloride 
solution. Allow to stand over night. Filter through an ashless filter; 
wash six times with hot N HCl and then with hot water until free 
from chloride. Ignite and weigh the BaSOi. Run a blank on all the 
reagents going through all the above operations in exactly the same 
way. To find the per cent of sulfur, multiply the weight of the pre¬ 
cipitate of BaS04 by 0.03. 
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Evolution Method for Sulfur 

Transfer 5 g of steel borings to a 250-ml flask which is fitted with a 
rubber stopper carrying a thistle tube that extends nearly to the bottom 
of the flask and a Kjeldahl distilling-bulb which ends just below the 
surface of the stopper (Fig. 39). This bulb acts as a splash trap. 
Connect the outside end of the bulb with glass tubing that reaches 

nearly to the bottom of a 200-ml Erlenmeyer 
flask. Connect the latter with a second 
Erlenmeyer flask. In each of the Erlen¬ 
meyer flasks place 50 ml of water and 10 ml 
of either of the following ammoniacal ab¬ 
sorbents. 

Ammoniacal Zinc Sulfate. — Dissolve 20 g 
of ZnS()4‘7H20 in 100 ml of water and to 
the solution add an equal volume of concen¬ 
trated ammonium hydroxide. Filter after 
standing over night. 

Ammoniacal Cadmium Chloride. — Dis¬ 
solve 12 g of CdCl2-2H2() in 150 ml of water 
and to the solution add 60 ml of concen¬ 
trated ammonium hydroxide. Filter if not 
clear. 

Pour 80 ml of 6 iV HCl through the thistle 
tube of the evolution flask and heat so that 
there is a rapid and steady evolution of gas. When all the steel has 
dissolved boil for 30 seconds but never long enough to cause much HCl 
to pass over into the other flasks. The first flask should contain all 
the sulfur of the steel as white ZnS or as yellow CdS. The second 
flask is used merely to make sure that no H2S escapes unabsorbed. 
Filter off the sulfide precipitate, and wash out the flask twice with 
dilute NH4OH (approximately 0.5 N). Transfer the filter and pre¬ 
cipitate to a beaker and cover with 300 ml of water. Rinse out the 
delivery tubing, where there is any sulfide, with 50 ml of N HCl, and 
add this solution to the liquid in the beaker containing the precipi¬ 
tate. At once add a measured volume of standard iodine solution 
(10 ml of 0.05 N solution is usually sufficient and should be added 
from a pipet), and after a few minutes titrate the excess iodine with 
sodium thiosulfate solution to a starch end point (see p. 115). 

Unless the relative strengths of the two solutions have been checked 
recently, add 10 ml of the iodine solution from a pipet to 300 ml of 
water to which 5 ml of concentrated HCl has been added and titrate 
with thiosulfate to a starch end point. 
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In this analysis, the milli-equivalent weight of sulfur is 0.016 g. 
Standardize the solutions by any method described on pp. 117-120. 

Most cast irons do not give up all their sulfur by this method of analysis. The 
values are nearer tiie truth if the sample is annealed as follows: Wrap 5 g of sample 
in two 11-cm filter papers so that all the metal is under at least 3 thicknesses of 
paper. Place in a 2f5-ml porcelain crucible, cover with a w^ell-fitting lid, and heat 
30-40 minutes at about TfiO"". Cool slowly, and transfer the charred paper and steel 
to the evolution flask. With high-silicon irons, heat the acid rapidly to boiling and 
then allow to simmer. 


SILICON 

Silicon exists in cast irons and steels chiefly as a solid solution of 
Fe 2 Si in iron. In wrought iron and in some steels, a little silicate of 
Fe or Mn may be present, such as Mn 2 Si 3 () 8 ; this really represents 
enclosed slag. The compound FeSi has also been identified in Fc-Si 
alloys. In cast irons, the silicon has a marked effect in causing the 
breaking down of cementite, FeaC, into Fe and graphite. With in¬ 
creasing Si content, the graphite increases, but this effect is counter¬ 
balanced by the (effect of S so that, roughly speaking, a given per¬ 
centage of S neutralizes a definite percentage of Si. 

Although Si enters into salts as silicate ion and not as Si'^'^'’"'^ ions, 
the free element and its compounds with iron are oxidizc‘d very easily 
so that decomposition-with any acid will cause oxidation of the Si to 
the quadrivalent state with evolution of hydrogen gas. There is, 
therefore, no loss of volatile silicon hydride when a sample of steel is 
dissolved in hydrochloric or sulfuric acid. If, however, nitric acid 
or other oxidant is used, the more powerful oxidizing agent is reduced 
without any evolution of hydrogen. 

FeSi + 2 + 3 H 2 O -> Fe*^ + HzSiOs + 3 H 2 T 

Fe 2 Si + 4 H+ + 3 H 2 O 2 Fe++ + HaSiOa + 4 H 2 T 
3 Fe 2 Si + 28 H+ + 10 NO 3 ' 6 Fe+++ + 10 NO t + 3 H2Si03 

+ 11 H 2 O 

In these reactions the product is really Si 02 * 0:1120 rather than exactly 
HzSiOs. 

The following method * is excellent for the determination of silicon. 
Perchloric acid is used instead of sulfuric acid f because anhydrous 
perchlorates are easily soluble and there is no difficulty in dissolving 
the salts after the silica has been dehydrated. Chromium is oxidized 
to chromic acid and remains in solution. The chief precautions are 

* Willard and Cake, /. Am. Chem. Soc., 42, 2208 (1920). 

t T. M. Drown, Trans, Am. Inst. Mining Eng., 7, 346 (1878-79). 
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to add sufficient perchloric acid to keep the mixture liquid after the 
nitric acid has been expelled and to boil at least 15 minutes at this 
stage in thc^ analysis. 

Procedure. — Treat 2.236 g of sample (5 times the factor weight) 
with 40 ml of 6 AT HNO 3 in a 400-inl covered beaker. When the 
sample is entirely decomposed, rinse and remove the watch glass cover 
and add 40 ml of 60-70 per cent HCIO 4 . Evaporate to fumes of HCIO 4 . 
Replace the watch glass on the beaker and heat so that the HCIO 4 
condenses and runs down the sides of the beaker for 15 minutes, but 
do not allow the contents of the vessel to become pasty or solid. Cool 
somewhat, and dilute with 125 ml of hot water. Stir until the salts 
have dissolved and crush any lumps with a glass stirring-rod. Filter 
and transfer all the residue to an ashless filter paper with the aid of 
0.6 N IICl, scrubbing the beaker with a rubber policeman. Wash 
alternately with 5-ml portions of hot 0.6 N HCl and of hot water until 
all the iron salts have been removed. The washing must be done 
carefully as residual HCIO 4 may caus(‘ loss of material in the subse¬ 
quent ignition of the precipitate. Transfer th(^ paper and residue to 
a weighed platinum crucible, and ignite slowly and carefully until 
all the carbon is gone. Cool in a desiccator, and W(4gh the impure 
>Sf02. Moisten the residue' with 18 N H 2 SO 4 and add (without measur¬ 
ing) about 5 ml of IIF. Heat inside an air-bath until all H 2 SO 4 is ex¬ 
pelled and then heat the crucible strongly over a free flame. Cool in 
a dc'siccator and weigh. The loss in weight repre^sents thc' Si02, and, 
when the above weight of sample is taken, this loss multiplied by 20 
gives the percentageh 


TUNGSTEN 

Modern alloy steel often contain from 0.5 to 20 per cent of tungsten. 
It may be present as WC or as Fe 2 W. In mild steel, tungsten up to 
1 per cent has little effect upon the mechanical properties, but high¬ 
speed steels containing 13-18 per cent tungsten, 2.5-5 per cent 
chromium, 0.6-0.7 per cent carbon, and up to 1 per cent vanadium are 
characterized by their ability to be worked at a speed 3 to 5 times as 
great as that at which plain carbon steels can be worked, and these 
high-speed steel retain their hardness even at a red heat. The steel 
can be hardened at a white heat which would ruin a plain carbon steel. 
Probably double carbides of Cr and W are formed in the steel and 
remain in it on rapid cooling and to some extent on slow cooling. 

After thorough oxidation of a sample of steel by treatment with 
acid and an oxidizing agent, the tungsten is obtained as a hydration 
product of yellow WO3 (tungstic acid anhydride). This, like silicic 
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acid, is insoluble in water but tends to form colloidal solutions. The 
problem, therefore, is to oxidize the tungsten to tungstic acid and then 
to make sure that it is all precipitated together with any silicic acid 
that may be present. The complete precipitation is aided by adding 
some cinchonine hydrochloride to the solution; cinchonine is an al¬ 
kaloid, or weakly basic organic substance of complicated composition. 
In the following rapid method, the precipitation of the tungstic acid 
is not quite complete, but this deficiency is compensated by the pres¬ 
ence of small quantities of impurities. 

Procedure. — Treat 1.0 g of the steel in a 400-ml beaker with 50 ml 
of concentrated HCl, and lu^at in the covered beaker until all the metal 
is decompos(id. Remove from the heat and add cautiously 5 to 7 ml 
of concentrated HNO 3 . Cover the beaker, and boil for 5 minutes to 
oxidize all the iron and convert the tungsten to yellow tungstic acid. 
Remove from the heat, wash the under part of the wjitch glass and 
the sides of the beakc^r with hot water, dilute to 75-“ 100 ml, and filter 
through a 9-cm ashl(\ss filter containing some filter-paper pulp made 
from ashless filters. Wash the p)recipitate alternatc'ly, three times 
each, with 10 -ml portions of hot 6 N HC^^l and hot water, and finally 
with four similar portions of hot water. Transfer the paper and pre¬ 
cipitate to a weighed platinum crucible, ignite', and wc'igh. Treat 
the impure WOa with sulfuric and hydrofluoric acids (see p. 270) 
to volatilize Si 02 , and call the residiui WO3. 

Home Problems 

43. In the determination of S by the evolution method find the per cent S. Weig:ht 
of sample - ,5.028 g; iodine used - 1,5..59 ml; thiosulfate solution used = 12.08 
ml; 1 ml I 2 = 1.080 ml of thiosulfate solution; 1 ml of thiosulfate solution — 
0.005044 g Cu. 

44. If all the S in a sample of steel weighing 5 g is converted into H 2 S, what 
weight of CdH will be formed and how many milliliters of 0.08 N iodine solution will 
react with it if the steel contains 0.00 per cent S? What is the ratio of the volume 
of H 2 to the volume of H 2 S evolved assuming 99.2 per cent Fe? 

45. Measured at 30° C and 770 mm pressure, what volume of 1128 will be evolved 
by HCI from 4 g of itigot iron containing 0.012 per cent S? What is the value of I 
ml of iodine solution in terms of A 82 O 3 if 16.00 ml are required to oxidize the S from 
the above weight of the steel? 

46. If a 4-g sample of steel is used for the determination of S, what normality 
thiosulfate and what normality iodine should be used so that the (ml I 2 X 1.2 — ml 
thiosulfate) gives 100 times the per cent S? 

47. Wliat weight of sample should be taken such that the milliliters of Na 2 S 203 
used, multiplied by a factor, and subtracted from the milliliters of I 2 used, will be 
exactly 12 times the per cent S? The concentrations of the solutions used are as 
follows: One milliliter of the Na 2 S 203 solution is equivalent to the iodine liberated 
when 1 ml of K 2 Cr 207 (1 ml == 0.004900 g Fe) is treated with KI in acid solution; 
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1 ml of iodine solution is equivalent to 0.(X)490() g of AS 2 O 8 . What is the value 
of the ^‘factormentioned above? 

48. If a sample of steel contains 3 per cent of FeaSi, compute the weight of SiOa 
obtained in the analysis of a sample weighing 3.0 g. Compute the volume of SiF 4 
obtained (S.T.P.). 

49. A volume of 10.05 ml of SiF 4 at 21° and 740 mm pressure corresponds to what 
weight of FeaSi? 

50. If a sample of steel contains 1.2 per cent Si and 0.20 per cent W, calculate the 
weight of the ignited WO 3 and Si02 to be obtained from 3.0 g of steel and the weight 
of this residue after the usual treatment with HF and H2SO4. 

51. A sample of steel weighs 5.00 g. The residue of WO 3 and Si02, insoluble in 
a(‘id, weighs 0.0928 g, and after treatment with IIF and II2SO4 this residue weighs 
20 per cent less. I'ind percentage of W and of Si present. 



CHAPTER VII 


SOME PRACTICAL METHODS OF ORE ANALYSIS 

Among the students of quantitative analysis are always some, par¬ 
ticularly the embryo mining engineers, who are specially interested 
in the analysis of ores. The determination of the precious metals by 
the so-called dry assay is usually covered by special courscis on 

Fire Assaying ” and will not be cxplairu^d here. In this chapter, 
practical methods for determining sulfur, zinc, titanium, arsenic, and 
tungsten will be given. The determination of sulfur is of great im¬ 
portance and has been discussed at great length in tlu* literature. Zinc 
ores are often analyzed by a method which depends upon titration 
with potassium ferrocyanide solution, a titration which is capable 
of yielding very accurate results but requires considerable practice 
on the part of the beginner. Titanium occurs to a slight extent in 
almost all rocks, and some titanium products are coming into quite 
general use; it is desirable that every student should know something 
about the characteristics of this element. Arsenic and tungsten are not 
difficult to determine but these elements can cause a great deal of trouble 
if a suitable method of analysis is not used. 

Determination of Sulfur in Pyrite 

For this analysis the sulfur is oxidized to sulfate and determined as 
barium sulfate. The oxidation of the sulfide can take place in the dry 
way, by fusion, or in the wei way, in solution. 

(a) Sodium Peroxide Method * 

Procedure. — Mix 0.5 g of pyrite with 5 g of pure sodium peroxide 
and 4 g of sodium carbonate in a nickel or iron crucible. Cut an open¬ 
ing in a piece of asbestos board (at least 4 inches square) sufficiently 
large to allow two-thirds of the crucible to project below the asbestos. 
The purpose of this shield is to keep the products formed by the com¬ 
bustion of the gas from reaching the mouth of the crucible. Heat the 
contents of the crucible gently for 10 minutes so that the mass softens 

* W. Hempel, Z. anorg. Chem., 3, 193 (1893); J. Clark, J. Chem. Soc., 63, 1079 
(1893); Hohnel, Arch. Pharrn., 232, 222; C. Glaser, Chem.-Zig., 18, 1448; Fournier, 
Revue gin^rale de chimie, pure et appliqu^e^ 1903, 77; List, Z. angew. Chem., 1903, 414. 
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and bakes together and then raise the temperature until the crucible 
is exposed to the full heat of the Tirrill burner for 20 minutes. 

Allow the contents of the crucible to cool and place in a small beaker 
with 150 ml of hot water. When the sodium salts are all dissolved, 
remove the crucible and add 5 ml of a saturated solution of bromine in 
concentrated hydrochloric acid. The purpose of the bromine is to make 
sure that the oxidation of the sulfur is complete.* It is necessary to 
add acid, because otherwise the hot sodium hydroxide solution is likely 
to destroy the filter paper. After heating to boiling, filter the solution 
and wash the nvsidue of ferric hydroxide free from sulfate. 

Carefully neutralize the filtrate with 6 N hydrochloric acid, and 
add 2 ml in excess. Heat the solution till all the bromine is expelled, 
dilute to 350 ml, heat to boiling, and precipitate with 24 ml of normal 
barium chloride solution which is diluted to 100 ml and added slowly 
while stirring vigorously. Filter, wash, ignite and weigh the barium 
sulfate precipitate in the usual way (p. 180). 


(b) Method of G. Lunge 

The sample should be finely ground, but it must be borne in mind that 
rapid grinding in the air .may generate enough heat to cause the oxida¬ 
tion of some sulfur so that an appreciable amount escapes as dioxide. 
Of the fine powder, treat 0.5 g with 10 ml of a mixture consisting of 
3 parts nitric acid, d.1.42, and 1 part hydrochloric acid, d.1.2, in a 300-ml 
beaker which is covered with a watch glass. At first allow the acid to 
act upon the pyrite in the cold, but finish by heating upon the water- 
bath. If sulfur separates, oxidize it with a very little powdered po¬ 
tassium chlorate. Transfer the solution to a porcelain evaporating- 
dish and evaporate to dryness on the water-bath. Treat the residue 
with 6 ml of concentrated hydrochloric acid and again evaporate to 
dryness. Moisten the dry mass now with 1 ml of concentrated hydro¬ 
chloric acid and 100 ml of hot water, filter through a small filter, and 
wash the residue first with cold water and then with hot water. To 
the hot filtrate, if not more than 150 ml in volume, add ammonia till 
the odor persists and then 30 ml of 3 N ammonium hydroxide in ex¬ 
cess to prevent the formation of any basic ferric sulfate. Keep at 
about 70^^ for 15 minutes. Filter off the ferric hydroxide precipitate 
and wash with hot water, each time churning up the precipitate, until 
a volume of about 400 ml is reached. Neutralize the filtrate with 

* A black residue may denote ferrous sulfide or nickelic oxide. It may be tested 
for sulfur by dissolving in hydrochloric acid and bromine and adding barium chloride 
to the diluted solution. 
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hydrochloric acid, using methyl orange as indicator, and add 1 ml of 
concentrated hydrochloric acid in excess. Heat just to boiling and 
add 100 ml of boiling-hot, 0.2 barium chloride solution while stirring 
vigorously. 

Wash the barium sulfate precipitate 3 times by decantation with 
boiling water, then transfer to a filter and wash free from chlorides, 
ignite, and weigh. 

To test the ammonia precipitate for sulfur, transfer it from the filter 
into a beaker by means of a stream of water from the wash-bottle and 
dissolve it by the addition of as little hydrochloric acid as possible. 
To the resulting solution add an excess of ammonia, filter and test the 
filtrate and washings as in the main analysis. Should any barium sul¬ 
fate be obtained in this way, it should be filtered off and weighed with 
the main part of the barium sulfate precipitate. 

Remark. — It is still better to filter the precipitate through a Munroe or Gooch 
crucible. After washing, dry the precipitate as mu(*h as possible by suction, place 
the crucible within a larger porc(‘laiii or platuium crucible, heat gently, cool and 
weigh. ■ 

The above method gives excellent results, which as a rule agree closely with those 
obtained by tlie preceding method. If the pyrite, however, contained barium or 
any considerable amount of lead, some sulfate will always remain undissolved with 
the gangue. In sucdi cases the Lunge method will give lower results but on the 
other hand it represents more nearly the (juantity of sulfur in the pyrite which is 
available for the manufacture of sulfuric acid. In sjiite of the strong oxidizing power 
of the above mixture of nitric and hydrochloric acids, it is not sufficient to permit 
the determination of sulfur in roasted pyrite, on account of the danger of losing some 
sulfur as hydrogen sulfide. Such products should be fused with sodium carbonate 
and peroxide as previously described. 

In carrying out the Lunge method, often a little sulfur separates in dissolving the 
sample. It has been recommended to dissolve this sulfur by adding potassium 
chlorate but when this is done the results are likely to be high. To overcome this 
difficulty, Allen and Bishop recommend dissolving the pyrite in a mixture of bromine 
and carbon tetrachloride. The latter dissolves any sulfur that is liberated and 
the dissolved sulfur is easy to oxidize. 


Determination of Zinc by Potassium Ferrocyanide * 

The potassium ferrocyanide method for titrating zinc is very accurate 
but it requires some experience before an operator becomes skilled in 
its use. The end point of the reaction corresponds to the formation of 
K2Zn3[Fe(CN)6]2. 

3 ZnCla + 2 K4Fe(C]Sr)6 = 6 KCl + K2Zn3[Fe(CN)6]2 

* The directions here given are based upon the procedure used in the laboratories 
of the New Jersey Zinc Co. at Palmerton, Pa. 
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After this point is reached, a slight excess of ferrocyanide will give a 
brown coloration when tested with dilute uranyl solution or ammonium 
molybdate on a spot plate. If the solution contains a very small quan¬ 
tity of iron, a little prussian blue is formed and the color changes from 
pale blue to pea green at the end point. 

Potassium Ferrocyanide Solution, — Dissolve 32.31 g of pure ferro- 
cyanide in water and dilute to 1 1; 1 ml of this solution should react 
with 7.5 mg of zinc. 

Standardization. — Weigh out into 400-ml beakers several 0.3-g por¬ 
tions of pure zinc, weighing to 4 decimal places. Cover with water and 
dissolve in 20 ml of 6 iV hydrochloric acid. When all the zinc has dis¬ 
solved, neutralize with strong ammonia, make slightly acid with hydro¬ 
chloric acid, and add 6 ml of 6 N acid in excess. Add 2 drops of ferrous 
sulfate solution containing 2.5 g FeSOr7 H 2 O per liter. This corresponds 
to about 0.03 mg of iron. Dilutee with water to 200 ml, heat to boiling, 
and titrate as follows: Reserve one-quarteT of the solution in a small 
beaker, to avoid the necessity of titrating to the right end point at once. 
To the hot solution add the ferrocyanide with vigorous stirring. The 
solution assumes a blue color, which should be quite pale and is due to 
the reaction of ferrocyanide with a very small quantity of ferric iron 
formed from the ferrous solution added. When an excess of yellow 
ferrocyanide is present, the blue color changes to a pale green. Add a 
little more of the ferrocyanide and pour in all but about 5 ml of the re¬ 
served zinc solution. Again add ferrocyanide till the end point is reached 
and about 0.5 ml more. Add the last of the reserved solution, wash out 
the beaker with hot water, and titrate with ferrocyanide dropwise until 
the blue color fades sharply to a pea green. This is the end point. 

Repeat the standardization until an agreement within 2 parts in 1000 
is obtained. 

Analysis of the Ore. — Weigh out into a small beaker enough of the 
powdered ore to give approximately 0.6 g of zinc. Moisten with water 
and add 10 ml of concentrated hydrochloric acid. If sulfides are pres¬ 
ent it may be necessary to add 10 ml of concentrated nitric acid at this 
point. Digest on the hot plate at a temperature below the boiling point 
for 1 hour. Remove from the plate and wash down the sides of the 
beaker and the cover glass. Add 10 ml of 18 N sulfuric acid and evap¬ 
orate to fumes. In the case of very silicious material it is well to break 
up the silica with a glass rod before adding the sulfuric acid. Cool and 
dilute to 50 ml with water. 

If there is any indication of undecomposed mineral in the residue 
filter and wash the residue with hot water. Digest the residue with hot 
ammonium acetate solution to remove lead sulfate and treat the residue 
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with sulfuric and hydrofluoric acids (cf. Silicate Analysis). Then 
after the removal of the excess acid, fuse with potassium pyrosulfate, 
dissolve the melt in dilute sulfuric acid, and add the solution to that 
previously obtained. 

The next step is to reduce the ferric salt and precipitate copper, bis¬ 
muth, etc., by treatment with 1 g of 20-mesh aluminum powder at a 
volume of about 50 ml. If it was not necessary to test the residue for 
zinc, the treatment should precede the filtering of the lead sulfate and 
silica precipitate. Add 10 drops of saturated sodium thiosulfate solu¬ 
tion, cover the beaker with a watch glass, and heat 20 minutes. This 
serves to reduce the iron and precipitate all the copper group metals 
except about 0.05 per cent of cadmium, which does no harm. Transfer 
the solution to a 200-ml measuring flask. Make up to the mark, mix 
and filter through a dry paper. Reject the first 10 ml of runnings and 
take 100 ml for the titration. Transfer the solution to a tall, 400-ml 
beaker and neutralize with sodium hydroxide solution till a jelly is 
formed (of Al(OH) 3 ) and the acidity corresponds to about 2 drops of 20 
per cent sulfuric acid. Us(' methyl orange as indicator. Add 3 ml of 5 
per cent sulfuric acid, dilute to 200 ml, and introduce a stream of hydro¬ 
gen sulfide into the cold solution for 40 minutes, at th(^ rate of at least 8 
bubbles per second. Allow the precipitate to settle for 15 minutes, filter, 
and wash with cold wat('r. 

Wash back the zinc sulfide precipitate into the beaker and rinse out 
the hydrogen sulfide tubing with 10 ml of concentrated hydrochloric 
in hot water. Run the acid through the filter and wash with hot water. 
Heat the acid until all the zinc sulfide has dissolved and all the hydrogen 
sulfide is expelled. Dilute with cold water to 150 ml, add concen¬ 
trated ammonia until slightly alkaline, neutralize with hydrochloric 
acid, and continue as in the standardization of the ferrocyanide solution. 

Determination of Arsenic in Ores 
Modified Method of Low-Pearce-Bennett 

Of the finely powdered ore, take 0.5 g if the arsenic content is not over 
10 per cent. If the ore is richer, take only enough to furnish 0.05-4). 10 
g of arsenic. Mix the ore with 2 g of anhydrous sodium carbonate 
and 1.5 g of potassium nitrate in a 30-ml porcelain crucible and sprinkle 
about 1 g of the fusion mixture on top. Cover the crucible and heat 
very slowly over a small flame, gradually raising the temperature until 
finally the full heat of a good burner is used for 10 minutes. Cool and 
extract with 200 ml of hot water. Filter and wash with hot water until 
all the soluble alkali salts are removed as shown by the litmus test for 
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sodium carbonate. In this way all the arsenic is obtained as alkali 
arsenate. 

Make the solution distinctly acid with acetic acid and boil 10 minutes 
to remove carbonate and nitrite. Cool and add sodium hydroxide until 
the solution is basic to phenolphthalein. Discharge the color with a 
few drops of acetic acid and add 20 ml of 0.1 silver nitrate solution. 
After the reddish brown precipitate of silver arsenate has coagulated 
sufficiently, filter and wash with cold water till the washings are free 
from silver. Dissolve the silver arsenate by pouring small portions of 
hot 3 N nitric acid through the filter, using about 10 ml of acid in all. 
Dilute and titrate the silver by the Volhard method, p. 133. One 
milliliter of 0.1 N KCNS solution = 0.002499 g of As. 

Renvark. — This method gives excellent results in the commercial analysis of 
arsenide ores, but chromium and phosphorus interfere as silver chromate and phos¬ 
phate, etc., behave like the arsenate. 


Determination of Titanium 

Titanium occurs very commonly in rocks but usually only in small quantities. 
It occurs together with zirconium, cerium, and thorium and is very similar to zir¬ 
conium in its chemical behavior. 

For the determination of small quantities of titanium the colorimetric method is 
very satisfactory except when large quantities of iron, phosphorus, alkali salts, or 
even traces of vanadium are present. When these elements interfere it is not ad¬ 
visable to try the colorimetric determination until after they have been removed. 

When titanium is unaccompanied by other cations of this group it is best to 
precipitate it with ammonia. The precipitate of Ti(OH) 4 , or hydrated Ti02, is 
not dissolved by an excess of ammonia and is easily converted into Ti ()2 by ignition. 

In most cases it is necessary to remove titanium from interfering elements and 
then, after the separation has been accomplished, it is best to determine the titanium 
volumetrically or colorimetrically. 

Titanium is precipitated as hydroxide by boiling the dilute solution of the sul¬ 
fate. Formerly, it was the common custom to precipitate titanium in this way 
but it required such long boiling of the nearly neutral solution that it has been gen¬ 
erally abandoned. The Gooch method depends upon adding alkali acetate and 
carrying out a basic acetate precipitation. The titanium precipitates in the presence 
of sufficient acetic acid to keep most of the aluminum in solution. The Baskerville 
method is based upon the fact that a nearly neutral solution of titanium and iron 
chlorides when boiled with sulfurous acid at moderate dilution gives a precipitate 
of titanium hydroxide while the iron remains in solution in the ferrous state. 

The method of Barneby and Isham* is based on the volatilization of the silica by 
hydrofluoric acid in the presence of sulfuric acid, evaporation to dryness, and fusion 
with sodium carbonate and a little potassium nitrate (which converts the iron and 
titanium to insoluble ferric oxide and sodium titanate), extraction with hot water 
to remove the soluble phosphates, sulfates, and aluminates, solution of the fer- 


* /. Am. Chem. Soc., 32, 957 (1910). 
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Tic oxide and sodium titanate in hydrochloric acid, extraction of ferric chloride 
with ether, reduction of slight traces of iron with sulfurous acid, precipitation of the 
titanic acid by boiling in acetic acid solution, filtration, and ignition to titanium 
oxide (or the titanium may be determined colorimetrically). The method is accurate 
except that it fails to take into consideration the probable presence of zirconium and 
other rare earths which will precipitate with the titanium more or less completely. 

Procedure. — Weigh out about 0.5 g of ore into a platinum crucible, 
cover with a little water, and add 5 to 10 drops of concentrated sulfuric 
acid, and about 2 ml of hydrofluoric acid. Heat the mixture carefully 
until finally no more sulfuric acid fumes are evolved. Add 5-10 g of 
sodium carbonate and a little potassium nitrate* and fuse the mixture at 
least 30 minutes. Cool, place the crucible and cover in a beaker, add 
about 25 ml of hot water, and heat until the melt is disintegrated. 
Ferric oxide and sodium titanate are left insoluble in hot water. Re¬ 
move the crucible, and dissolve any adhering particles of ferric oxide 
and hydrolyzed sodium titanate in hot 6 N hydrochloric acid; save 
this solution. Filter off the residue in the beaker and wash with hot 
water, t Perforate the filter and carefully wash the residue into a 
clean beaker with 6 N hydrochloric acid. (No water is to be added 
from this stage of the analysis until after the subsequent treatment 
with ether.) Transfer the hydrochloric acid washings from the plat¬ 
inum crucible to the beaker and heat the entire solution on the hot 
plate until complete solution is effected and the total volume reduced 
to 15 or 20 ml, Cool, add 2 ml of 12 N hydrochloric acid, and transfer 
the solution to a separatory funnel, rinsing the beaker with 6 N hydro¬ 
chloric acid, d.1.10. Add an equal volume of ether, which has been 
saturated with concentrated hydrochloric acid solution, to the solution 
in the funnel, insert a rubber stopper in the top, invert the funnel, 
open the stopcock, and shake thoroughly. Close the stopcock, place 
the separatory funnel in an upright position, and allow to stand 10 
minutes. Then drain off the aqueous layer into a second separatory 
funnel. Rinse the ether twice by shaking well with 5- to 10-ml por¬ 
tions of 6 W hydrochloric acid, and add the washings to the aqueous 
solution. Repeat the treatment with ether two or three times until 
the last portion of ether fails to show any greenish tinge due to the 
presence of dissolved ferric chloride. 

* The potassium nitrate is added to make sure that the crucible is not injured by 
any sulfide or reducible metal which may be present. Too much nitrate should not 
be added; it will injure the crucible and also cause the melt to effervesce badly. 

t^The residue should not be washed with too much hot water; the hydrolysis of 
the sodium titanate may go so far that the residue will not dissolve in hydrochloric 
itcid. 
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Rothe,* who first made use in quantitative analysis of the fact that 
ferric chloride dissolved in hydrochloric acid, d.1.1, can be removed by 
shaking with ether, recommended the double separatory funnel shown 
in Fig. 40, but an ordinary 125-ml single separatory funnel can be 
used satisfactorily. 

Carefully heat the aqueous solution containing all the titanium in 
the presence of little, if any, iron and aluminum, on a water-bath con¬ 
taining warm water to expel the dissolved ether, add 
20 ml of 18 N sulfuric acid, and evaporate the solu¬ 
tion until fumes of sulfuric anhydride are evolved. 
Dilute the cooled solution to about 100 ml and nearly 
neutralize with ammonia. Add 1-2 g of ammonium 
bisulfite and heat the solution on the hot plate for 
half an hour. Now add 10-15 g of ammonium acetate, 
with 5-10 ml of glacial acetic acid, and boil the solution 
for 15 minutes. Filte^r, wash with 7 per cent acetic 
acid, ignite, and weigh as Ti 02 . 

Determination of Timgsten in Ores f 

Procedure. — Weigh out accurately about 1 g of the 
finely ground ore into a 400-ml beaker. Moisten the 
sample' with 5 ml of water and add 100 ml of concen¬ 
trated hydrochloric acid. Cover the beaker and digest 
at about 60° for at least an hour. Stir from time to 
time to prevent the formation of any crust. Then 
evaporate slowly to about 50 ml. Add 40 ml more of 
strong hydrochloric acid, 20 ml of concentrated nitric 
acid and evaporate to about 10 ml. During these operations, especially 
when fresh acid is added, stir the material at the bottom of the beaker 
so that it does not become encrusted. 

Rinse down the cover glass and the sides of the beaker and dilute with 
water to about 150 ml. If, by accident, the solution was evaporated 
to dryness during the above treatment, add 20 ml of concentrated hy¬ 
drochloric acid and 10 ml of concentrated nitric acid to the residue and 
evaporate to 10 or 15 ml. 

To the diluted solution add 5 ml of cinchonine hydrochloride solu¬ 
tion (12.5 g of cinchonine dissolved in 100 ml of 6 A' hydrochloric acid) 
and heat on the hot plate for 30 minutes or longer. The solution should 



Fig. 40. 


* Z. anal. Chem.y IdOl, 809. 

t Recommended by J. A. Holliday and found satisfactory by collaborative work 
in 17 different laboratories in 1918 under the direction of W. F. Hillebrand. 
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be at a temperature just below the boiling point and should be stirred 
occasionally. 

Allow the tungstic acid anhydride to settle and then decant the solu¬ 
tion through a filter which contains some pulp made by digesting ash¬ 
less filter paper with acid. Wash the precipitate three times with a 
solution containing 10 ml of the above cinchonine solution to a liter of 
hot water. Then transfer the precipitate to the filter and wash with 
this same, diluted cinchonine solution. 

Wash the tungstic anhydride back into the original beaker by a jet 
of water, using about 25 ml to accomplish this. Add 6 ml of concen¬ 
trated ammonia solution and heat gently, with the beaker covered, for 
about 10 minute 3 S to convert all the tungstic acid into ammonium tung¬ 
state. Rinse down the sides of the beaker with hot, dilute ammoni- 
acal ammonium chloride solution (200 ml of concentrated ammonia, 
800 ml of water, and 10 ml of concentrated hydrochloric acid). Stir 
up the contents of the beaker and filter through the same filter that was 
used for the previous filtration. Collect the filtrate in a 400-ml beaker 
and wash the original beaker and filter with the hot ammoniacal solution. 
The presence of a little ammonium chloride in this ammoniacal solution 
prevents colloidal silicic acid from passing into the filtrate. 

The residue on the filter is usually free from tungsten, but it should 
be tested by giving it the same treatment as that of the original ore. 
Ammonium and sodium salts tend to prevent the complete precipitation 
of tungstic acid, so that it is important, next, to remove the excess am¬ 
monia. After this has been evaporated off, add 20 ml of concentrated 
hydrochloric acid and 10 ml of concentrated nitric acid and evaporate 
to about 15 ml. Dilute with 150 ml of water and precipitate the re¬ 
mainder of the tungstic acid by treatment with cinchonine solution as 
described above. 

After filtering and washing the precipitate as before, ignite it care¬ 
fully in a weighed platinum crucible. The presence of the paper pulp 
causes the precipitate to form a porous, friable mass and makes it easy 
to oxidize the carbon. If the ignition is made in a muffle, the introduc¬ 
tion of oxygen is advantageous. After burning off the carbon, at as 
low a temperature as possible, weigh the precipitate and correct for 
sihea by the usual treatment with hydrofluoric acid. 

If the tungstic acid is heated over the full flame of the burner, some 
of it will be lost by volatilization. After the removal of the silica, the 
residue should be heated to dull redness for only 1 minute. Heated 
in the muffle, the maximum temperature should not exceed 800®. The 
ignited tungsten trioxide, WOg, should have a clean, lemon-yellow 
color. 
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To test for tungsten the residue that is insoluble in ammonia, ignite it 
in an iron crucible and fuse the ash with a small quantity of sodium 
peroxide mixed with a little sodium carbonate. Reducible metals are 
likely to ruin a platinum crucible if the residue and filter paper are heated 
in it. Extract the melt with water and filter. Acidify the aqueous 
extract with hydrochloric acid, add 5 ml of cinchonine hydrochloride 
solution, and heat for several hours to see if any yellow tungstic acid 
anhydride is formed. 


Home Problems 

52. Compute the volume of fuming HNOs required to oxidize and dissolve 3.505 g 
of P'eS 2 . Assume the acid to be d. 1.500, to contain 94.1 per cent HNOa by weight, 
and to be reduced to NO 2 . Compute the weight of dry Na 202 required to carry 
out the same oxidation if the peroxide contains 40 per cent Na 2 C 03 . 

53. How many cubic feet of air at 130° P' and 27 in. mercury pressure would be 
required theoretically to burn 1 lb of pure FeSa? What would be the volume of the 
gaseous residue at the same temperature and pressure? Assume Fe 804 and SO 2 
formed and air to contain 20 per cent oxygen. 

54. What weight of pyrite should be taken such that the weight of BaS 04 mul¬ 
tiplied by 100 will give the percentage of S in the sample? 

55. Compute the weight of NaoO-i required in the analysis of 0.5 g P^eS 2 . Why 
should an excess be used, and what happens to the excess? After the Na 202 fusion 
how does Mn behave when the melt is treated with water? 

56. What weight of pyrite should be taken such that the weight of the BaS 04 
precipitate multiplied by 25 gives the percentage of S present? 

57. What weight of zinc ore should be taken for analysis such that the number of 
milliliters of 0.09 M ferrocyanide used will be the same as the percentage of Zn 
in the ore? 

58. Two portions of a single titanium ore, each weighing 0.80 g, are taken for 
analysis. In one portion the iron alone is determined after careful reduction with 
SnCb (stopping before any titanium is reduced) and titration by the Zimmermann- 
Reinhardt method (see p. 104) with 26.0 ml of KMn 04 solution of which 1 ml would 
oxidize 0.80 ml of a potassium tetroxalate solution which was 0.08 N as an acid. 
In the other sample, the Fe'^'^'^ is reduced to Fe^+'*' and Ti"^^*^^ to Ti'^^"^ and then 
both oxidized back with 48 ml of the same KMn 04 solution. Assuming that the 
original sample contained Fe 304 , Ti 02 , and SiOa only, compute the percentage of 
each present. 

59. What weight of titanium ore should be taken, for analysis, such that the 

milliliters of ferric solution containing 10 g of Fe per liter required to react with Ti'+"‘‘+ 
shall be 4 times as great as the percentage of Ti in the ore? (In this method of 
analysis the Ti'^+‘*'+ is all reduced to Ti'’'*^'’' and then titrated in an atmosphere of 
CO 2 with Fe"^**"^ solution, until a drop of the Fe'^'^'^ gives a red color with CNS' 
which has been added. Fe+"+'+ + Ti+++ Fe-^+ + Ti++++.) 

60. Compute the percentage of As in an ore when 0.45 g of the ore yielded a 
precipitate of Ag 3 AB 04 which after being dissolved in dilute nitric acid reacted 
with 23 ml of 0.08 N KCNS solution. 

61. A method for determining arsenic has been proposed which depends upon the 
formation of AsIL, oxidation of the AsHj to ASO 4 by iodine solution, and titra* 
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tion of the excess iodine with sodium thiosulfate solution. The reactions are 

AstL -f 4 I 2 + 11 HCOa" A 8 O 4 --h 8 r + 11 CO 2 + 7 H 2 O 

I2 + 2 8203'“ — 2 r 4- S40fl"" 

If in the analysis 0.250 fs, of material, 50 ml of 0.125 N iodine solution, and 20 ml of 
thiosulfate (1 rnl - 0.005 g Cu) are used, compute the percentage of A 82 O 3 present 
in the sample. 

62. If the same weight of sample as in Problem 61 had been analyzed by the 
Pearce method, how many milliliters of KCNS solution (1 ml = 0.002 g of Ag) would 
have been used in the final titration? 

63. If in the analysis described in Problem 61, the solution of arsenite was reduced 
to AsHa electrolytically with a current of 3 amperes and current yield of only 40 per 
cent AsIIa and 60 per cent Ha, compute the time required for the electrolytic reduction 

AsOa + 6 © -h 9 AsHa + 3 H.O 

64. It has been proposed to determine tungsten by measuring the volume of 
NaOH solution required to dissolve a precipitate of WO 3 and form Na 2 W 04 . If in the 
analysis of 0.45 g of ore, 25 ml of 0.15 N NaOH was used to dissolve the WO 3 and the 
excess of alkali hydroxide reacted with 12 ml of 0.18 N HCl, find the percentage of 
W present in the ore. 



CHAPTER VIII 


ANALYSIS OF BEARING METALS (ANTI-FRICTION 

METALS) 

The analysis of bearing metals is one that the practical chemist is 
often called upon to make because these alloys are usually sold and 
purchased under fairly rigid specifications concerning the chemical 
composition. The alloys are not difficult to analyze if suitable methods 
are used but otherwise the results are likely to be erratic. The United 
States Bureau of Standards has prepared at least three different alloys 
of this type and, before sending these out for chemists to use in testing 
their methods of analysis, each alloy has been analyzed in ten different 
laboratories with good agreement with respect to the various values. 
In making a commercial analysis, the time factor often has to be taken 
into consideration. If, for example, a given sum is paid for having 
an analysis made, the chemist ought not to spend more than an equiva¬ 
lent amount of time in carrying out the work. A method, therefore, 
which will give results that are approximately correct is often more 
valuable than one which will give somewhat more accurate values but 
only with the expenditure of considerably more time and labor. In 
selecting the methods to be described in this chapter, the time neces¬ 
sary for carrying out the work has been taken into consideration. The 
methods have been tested in the laboratory with students and found to 
give satisfactory results although some of the procedures recommended 
are not the best known for accurate scientific work. Duplicate values 
that agree well in any analysis merely mean that the operator has 
carried the analysis out twice in the same way and when these values 
are near the truth it usually means that the sum of the positive and 
negative errors is equal to zero rather than that no error has been made. 

There are three important classes of bearing metals: the phosphor 
bronzes, the lead-base alloys, and the tin-base white alloys. The 
alloys of copper, tin, and antimony were first recommended by Isaac 
Babbitt of Massachusetts for bearings in journal boxes,” and the 
name Babbitt's metal is now applied to almost any white anti-friction 
alloys. 

Tlie phosphor bronzes are essentially alloys of copper, tin, and 
phosphorus, but they may contain lead and traces of other elements. 
They are used for bearings of high-speed machinery and will stand 
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fairly heavy loads. For bearings they possess a low coefficient of fric¬ 
tion and are hard enough to resist abrasion. With respect to their 
malleable qualities a distinction is made between malleable phosphor 
bronzes and cast phosphor bronzes. The former contain not over 
6 per cent of tin or 0.3 per cent phosphorus. The malleability is due 
to the formation of a homogeneous solid solution of CusP in copper 
with small quantities of phosphorus, and when more phosphorus is 
present a finely divided Cu-CusP eutectic is often found. These alloys 
are used for wire, gear wheels, pinions, bushings, worm wheel rims, etc. 

The cast phosphor bronzes are well suited for bearings. The upper 
limits for tin and phosphorus may be placed at 12 and 1.5 per cent. 
Sometimes as much as 10 per cent of lead is present. These alloys 
show under the microscope a hard crystalline constituent embedded 
in a softer, plastic matrix. The load is carried by the harder material, 
and the plastic material provides for continuous lubrication. The 
presence of lead increases the amount of the plastic constituent. 

ANALYSIS OF PHOSPHOR BRONZE 

Standard Sample 63 of the U. S. Bureau of standards contains, 
in addition to copper, tin, lead, and phosphorus, 0.55 per cent of anti¬ 
mony, 0.48 per cent of zinc, 0.27 per cent of iron, 0.20 per cent of ar¬ 
senic, 0.05 per cent of sulfur, 0.05 per cent of aluminum, and 0.008 per 
cent of nickel. In the procedure to be described only the first four 
elements will be considered. In this procedure, the antimony will be 
determined with the tin in a precipitate of metastannic acid ” and 
will be counted as tin. The arsenic will also be present in this precipi¬ 
tate as AS2O5. 


Determination of Copper and Lead 

Procedure. — Dissolve 0.5 g of borings in a small beaker with 15 ml 
of 6 iV nitric acid, d.1.2. Evaporate the solution just to dryness on the 
water-bath, and remove the beaker as soon as this stage is reached. 
Treat the residue with 20 ml of 2 iV nitric acid, heat to boiling, and 
decant off the solution through a hardened filter paper. Repeat this 
treatment. . Complete the washing by boiling and decanting with 1 per 
cent ammonium nitrate solution. Keep as much of the precipitate 
as possible in the original beaker, and the total volume of the filtrate 
under 150 ml. Examine the first portions of the filtrate for metastannic 
acid, refilter if necessary, and remove each successive portion from 
below the funnel before adding more wash water. Wash the precipi¬ 
tate with 1 per cent NH4NO3 solution until a portion of the filtrate will 
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give no test for copper or lead on adding a little ammonium sulfide 
solution (or for copper with K 4 Fe(CN )6 solution). Save the precipitate 
for the tin determination. 

To determine the copper and lead electrolyze this solution, and 
the nitric acid solution obtained below, with platinum gauze electrodes 
with a current of 0.25 ampere for 4 to 6 hours and then one of 0.1 
ampere for 18 to 20 hours. The copper will be deposited on the cathode 
as metallic copper and the lead upon the anode as Pb02. (See p. 215.) 

Determination of Tin 

With the aid of a stream of water from a wash-bottle, transfer the 
insoluble residue back to the original beaker as completely as possible, 
but limiting the quantity of water used as far as practicable. To dis¬ 
solve the precipitate remaining on the filter, spread it out on the bottom 
of a beaker, pour over it 25 ml of yellow ammonium sulfide solution, 
and heat gently for 15 minutes. Meanwhile add 75 ml of th(‘ sulfide 
solution to the residue in the original beaker. Add to this the am¬ 
monium sulfide solution from the treatment of the filter paper and 
wash the paper 3 times with hot water. Save the filter paper. 

Cover the beaker containing the ammonium sulfide solution with a 
watch glass and digest at 60° to 70° for 2 hours. Then filter off any 
black residue and collect the filtrate in a 600-ml Ix^aker. Wash the 
residue with 100 ml of ammonium sulfide reagent which has been diluted 
with 4 times as much water. Complete the washing with water. Treat 
this filter and the one previously saved with 15 ml of hot, 3 N HNOs, 
filter, wash free from acid with hot water, and add this solution, after 
nearly neutralizing it with ammonia, to that in which the copper and 
lead is to be determined (see above). Add the residue to the Sn pre¬ 
cipitate. 

To the ammonium sulfide solution add acetic acid until the solution 
reacts acid and allow to stand in a warm place for at least 3 hours. 
Then filter off the SnS 2 precipitate and wash it with 2 per cent NH4NO3 
solution, using at least 150 ml of it. Transfer the moist SnS 2 precipi¬ 
tate to a weighed porcelain crucible and ignite carefully. Call the 
residue Sn 02 and report the percentage of tin present in the alloy. 

Determination of Phosphorus* 

Weigh out 1-3 g of sample into a 300-ml Erlenmeyer flask and dis¬ 
solve in 20 ml of aqua regia. When all the metal has dissolved add 
10 ml of water and digest at 90° for 10 minutes. Dilute to 50 ml 

* Method of Lundell and Hoffman, /nd. Eng, €hem. 16, 172 (1923). 



DETERMINATION OF LEAD 


287 


and treat with 100 ml of ammonium molybdate solution prepared as 
recommended by Blair (see p. 233). 

Stopper the flask with a rubber stopper and shake for 10 minutes, 
occasionally removing the stopper. Allow to stand 4 hours or longer 
before filtering. Filter, keeping as much as possible of the precipitate 
in the flask. Wash the precipitate 5 times by decantation with lO-ml 
portions of 1 per cent nitric acid. 

Dissolve the precipitate on the filter in 5 iV ammonium hydroxide 
containing 0.5 g of citric acid. Pour this on the filter in small portions, 
and catch the filtrate in the original flask containing the bulk of the 
precipitate. Do not use more than 50 ml of the ammonium hydroxide. 
Warm the solution slightly to dissolve the precipitate, replace under 
the funnel, and wash the filter with a little hot 5 per cent hydrochloric 
acid. If the ammoniacal filtrate is not clear at this stage, filter through 
the same filter and wash the filter with hot water. 

Make the solution acid with hydrochloric acid, and without regard to 
a slight precipitate of molybdic acid, which, however, seldom forms 
in the analysis of alloys with low phosphorus, add 20 ml of magnesia 
mixture (p. 189). Heat to boiling and slowly add ammonium hydroxide 
till a precipitate forms or the solution is ammoniacal. Finally add 
enough 15 N ammonium hydroxide to make the solution 1.5 N with 
ammonia and allow to stand 4 hours. Filter, wash with cold 1.5 N 
ammonium hydroxide and finish the analysis as described on pp. 189 
and 190. 


ANALYSIS OF BABBITT»S METAL 

The U. S. Bureau of Standards distributes two standard alloys, 
one containing about 79 per cent lead, 11 per cent tin, and 10 per cent 
antimony; and another containing about 88.3 per cent tin, 7.3 per 
cent antimony, 3.8 per cent copper, and 0.6 per cent lead. The alloys 
contain traces of iron, bismuth, and arsenic which need not concern us 
here. 


Determination of Lead 

Take samples of about 0.4 g, weighed carefully to 4 significant figures. 
Treat each sample in a 250-ml Erlenmeyer flask with 25 ml of a satu¬ 
rated solution of bromine in concentrated hydrochloric acid. After 
standing a few minutes, heat gently but take care not to boil off all 
the bromine until the alloy is entirely decomposed. Pay no attention 
to the formation of a white precipitate of lead chloride. When none 
of the original aUoy remains, heat to expel the excess bromine; the 
solution will become colorless or pale yellow in color. Remove from 
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the heat and cool somewhat. Add 15 ml of 18 A H 2 SO 4 (concentrated 
acid added carefully to an equal volume of water) and evaporate until 
dense fumes of sulfuric acid are evolved and all HCl is expelled. Cool, 
dilute to about 100 ml, and allow to stand at least an hour. Filter through 
a Gooch crucible that has been dried by washing with alcohol and ether 
and weighed (see p. 176). Wash the precipitate under gentle suction 
with six 5-ml portions of 1.8 N H2SO4 and then with six portions of 
alcohol and finally four portions of ether. Draw air through the cru¬ 
cible for 10 minutes; wipe off the crucible and allow it to remain 10 
minutes in a desiccator before weighing the PbS 04 . Report the per¬ 
centage of lead in the alloy. 

Determination of Antimony 

Digest accurately weighed 0.4-g samples of alloy in 250-ml flasks 
with 12 ml of concentrated H2SO4 and about 5 g of KHSO4. Heat 
over a free flame while constantly rotating the contents of the flask 
until the metal has all dissolved. 

It is desired to get the antimony into solution as 862 ( 804)3 and the tin as Sn(S 04 ) 2 . 

2 Sb + 6 112804 == 862(804)3 -f- 3 SO2 + 6 H2O 
Sn “h 4 H 2 SO 4 = 811 ( 804)2 “f* 2 SO 2 "f" 4 H 2 O 

If the alloy is heated too gently, sometimes a part of the tin is left in the stannous 
condition, and this is fatal to the analysis. The acid should be heated nearly to 
the boiling point to accomplish the second stage in the oxidation of the tin. 

When the sample is completely decomposed and the sulfuric acid 
has fumed strongly for several minutes, allow to cool and then add 
very cautiously 5 ml of water. Follow this with 20 ml of 12 iV hydro¬ 
chloric acid and boil gently for 3 minutes. Cool, add 100 ml of cold 
water, and titrate at a temperature below 15° with 0.1 A permanganate. 
The end point should remain for 20 seconds if the above directions 
were followed. Save the solution for the tin determination. 

According to Lundell,* the solution should contain 10 to 25 per cent of concentrated 
HCl by volume, and approximately 10 per cent by volume of (‘oncentrated H2SO4 
is desirable. The above directions provide for 10 per cent of HCl and somewhat 
less than 6 per cent of H2SO4 by volume. The procedures recommended by the 
Bureau of Standards and by Lundell, Hoffman, and Bright call for less than 5 per 
cent H2SO4. The titration of antimony with permanganate gives very accurate 
results when the conditions are right, and this method of determining antimony is 
used more than any other in commercial testing. If the conditions are not right, 
the end point may be very hard to find. For many years chemists avoided as much 
as possible all titrations with permanganate in the presence of hydrochloric acid be¬ 
cause hydrochloric acid is easily oxidized to chlorine or hypochlorous acid, a reaction 
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which is catalyzed by the presence of other substances such as ferrous salt. By 
keeping the solution cold, by making sure that all tin, iron, etc., is oxidized by 
sufficiently long treatment with hot sulfuric acid, and by adding appropriate quan¬ 
tities of hydrochloric and sulfuric acids, this oxidation of HCl is prevented. The 
titration reaction can be expressed as follows: 

5 Sb+++ + 2 Mn04' -j- 16 H+ = 5 Sb+++++ + 2 Mn++ + 8 HgO 
and the milli-equivalent of antimony is 0.06088 g. 

Determination of Tin 

Transfer the titrated solution from the antimony determination to a 
500-ml Erlenrneyer flask; add 65 ml more of concentrated hydrochloric 
acid and about 2 g. of test lead powder. Stopper the flask with a rubber 
stopper carrying a long glass tube which extends from the bottom of the 
stopper upward for about an inch and then bends downward through a 
wide arc to a point on the outside nearly level with the bottom of the 
flask when the stopper is inserted. Heat the contents of the flask to boil¬ 
ing and boil gently for 30 minutes. Then remove the flame and, without 
removing the stopper from the flask, insert the outer end of the tubing 
it carries into a beaker containing 200 ml of saturated NaHCOa solution 
(about 22 g of NaHCOa). While keeping the tubing in this NaHCOs 
solution, cool the contents of the flask by cold, running water. Cool 
slowly at first. At the end of the reduction with lead, 

Sn-^+++ + Pb = Sn-H- + Pb++ 

the flask is filled with steam; but as the contents cool and the steam 
condenses, the NaHCOs solution is sucked into the flask and CO 2 
is formed which exerts a pressure and will force back the liquid in the 
tubing and perhaps bubble through the NaHCOs solution. In this 
way the flask becomes filled with CO 2 rather than air, of which the 
oxygen would oxidize some of the stannous ions back to the stannic 
state. Finally cool to about 10® (using ice-water or dry ice if necessary), 
add 5 ml of starch indicator solution, and titrate fairly rapidly with 0.1 N 
iodine solution. 

Sn++ + I 2 = Sn++++ + 2 

Instead of using the above device for filling the flask with CO2, a stream of CO2 
gas can be kept passing through the solution during the reduction with Pb and 
particularly during the cooling of the solution. Some chemists add a lump or two 
of calcite (CaCOs) to the reduced solution which slowly dissolves in the acid with 
liberation of CO2. If some dry ice is available, a little of it placed in another flask 
will furnish a convenient source of COa. On placing this flask in warm water, an 
abundant stream of COa is evolved which can be led into the flask containing the 
solution of the alloy by means of tubing extending nearly to the bottom of the flask 
containing the solution that is being analyzed. The above scheme of sucking 
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NaHCOg buck into the solution works nearly as well. It has been recommended to 
add the iodine solution through tubing that runs through the stopper so that there 
is absolutely no chance for air to enter the flask during the titration. The titration 
of SnCb with iodine is very accurate, but it is necessary to have all the tin in the 
stannous condition and to prevent any back oxidation by air, or the results of the 
analysis will be low. Various other redu(‘ing agents such as a coil of nickel wire, 
metallic iron, powdered antimony, etc., have been recommended instead of the 
test lead, but in every case the chief source of trouble is oxidation by the air. 

Home Problems 

65. From 0.400 g of alloy there was obtained 0.260 g of PbS 04 . (a) If this were 
dissolved in ammonium acetate and the solution treated with potassium chromate 
solution under ideal conditions, how much PbCr 04 would be obtained? (6) If the 
lead chromate precipitate were analyzed iodometrically, how many milliliters of 
Na 2 S 203 solution (1 ml = 0.0084 g Cu) would be required to liberate the L formed by 
treating the chromate pre<‘ipitate with acid and excess KI? (c) What percentage 
of Pb was present in the alloy? 

66. What is the minimum time required for electrolysis in the analysis of a Kras^ 
containing 64 per cent Cu and 1.56 per cent Pb? 

67. In the analysis of 2.05 g of an alloy, there W'as obtained 0.0046 g of Mg 2 p 207 . 
(a) Pind the percentage of P in the alloy, (b) If the MgNH 4 P 04-6 H 2 O had been 
w^eighed after washing with alcohol and ether (see p. 180), what would have been the 
weight? (c) If the phosphorus had been determined (as is often done) by the 
alkalimetric method used in the analysis of steel (see p. 234), how' many milliliters 
of 0.25 N IINO 3 would have been used to titrate the ex(‘e88 of NaOH when 25 ml 
of 0.22 N NaOH w’ere used to dissolve the yellow phosphomolybdate precipitate? 

()8. Find the percentage of antimony present in an alloy from the following data: 
weight of sample = 0.450 g; used 12.2 ml of KMn 04 solution; 1 ml KMn 04 = 
0.0065 g Fe. 

69. Find the percentage of tin in an alloy from the following data: weight of 
alloy == 0.420 g; used 18.6 ml of I 2 solution of which 1 ml = 0.0056 g AS 2 O 8 . 

70. Arsenic in an alloy is sometimes determined by distilling it off as AsCL to¬ 
gether with HCl, neutralizing the distillate and titrating with iodine in the presence 
of NaliCOs and starch. Compute the percentage arsenic in an alloy from the 
following data: weight of alloy 6.00 g; used 16.4 ml of iodine solution of which 
1 ml - 0.0024 g Sb. 

71. Sometimes arsenic is determined by forming AsHs and absorbing it in a meas¬ 
ured volume of iodine solution. Eventually the absorbed AsHa is oxidized to ar¬ 
senate by the iodine and the excess is titrated with Na 2 S 203 solution. If the alloy 
mentioned in Problem 70 were analyzed in this way, and with the same weight of 
sample, how many milliliters of 0.08 N iodine would be required for the absorption 
and oxidation of the AsHj? 
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POTENTIOMETRIC TITRATIONS 

The Nernst equation developed on p. 207 shows the effect of the 
concentration of a solution upon an oxidation reaction such as the dis^ 

0 058 C * 

solving of a metal. The equation log - can be written 

Ei^o ~ Eq + log where Eo is the value of Eis^ when the con- 
n c 

centration of the ions from the metal is one molal. In the case of the 
oxidation of hydrog('n gas, the value of Eo is commonly taken as 0,00 and 

the value of n is unity so that the expression becomes E\^<^ — 0.058 log- 

c 

or Q = log which means that the potential of the hydrogen 
electrode against a solution can be used to measure the hydrogen-ion 
concentration of the solution. The expression log ~ when c is the con¬ 
centration of the hydrogen ions expressed in moles per liter (or normality 
in this case) is called the pu value of the solution (cf. p. 43). 

If a hydrogen electrode (an S-shaped platinum electrode covered with 
platinum black and kept saturated with hydrogen gas) is placed in a 
solution together with an electrode of known electromotive force such 
as a calomel electrode, and the electrodes are connected externally, a 
current will flow if there is any difference in potential between the hy¬ 
drogen electrode and the standard electrode. The voltage can be meas¬ 
ured by sending a current from a dry cell in the opposite direction and 
measuring the voltage of this second current when it just suffices to 
neutralize the original current. 

Fig. 41 is a diagram of such an arrangement as used by Hildebrand, f 
A beaker contains the hydrogen electrode h and the calomel electrode 
C; the latter is connected through the switch K with the galvanometer 
G and thence to the positive pole of the dry cell B. By means of the 
sliding contact S, a variable fraction of the current can be made to pass 
from the dry cell through a galvanometer to the calomel electrode, 

* If the measurements are made at 25'*, the formula is the same except that the 
value 0.058 becomes 0.0591. 
t /. Am. Chem. Soc., 35, 847 (1913). 
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opposing the current which results from the potential difference between 
the two electrodes in the solution. When the two emf^s are equal, 



Fig. 41 . 


no current flows in the wire, as shown 
by the needle of the galvanometer, 
and the voltage can be read at V. 

In any aqueous solution at 25° the 
equation [concn. H"^] X [concn. OH"] 
= holds, when the concentra¬ 
tions are expressed in moles per liter. 
If, therefore, the concentration of the 
hydrogen ion is established by meas¬ 
urement, the concentration of the 
hydroxyl ion is also known and the 
alkalinity as well as acidity of any 
solution can be expressed by simply 
stating the hydrogen-ion concentra¬ 
tion of the solution. 


If log is called poH, then pn + Poh = 14 in all cases. 

The method of measuring electromotive force by Poggendorff^s com¬ 
pensation method was outlined on p 209 with a set-up like that of 



Fig. 42 . 


Fig. 41. By combining the slide wire bridge a-b and the voltmeter V 
as in the Laboratory Hydrogen Ion Potentiometer^^ of the Leeds & 
Northrop Company shown in Fig. 42, the voltage can be measured with 
an accuracy of about 0.03 per cent. With a suitable galvanometer and 
with solutions having a resistance of not over 100,000 ohms, measure¬ 
ments can be made to 0.05 millivolt, which corresponds to 0.01 pH unit. 
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Binding Posts. — The potentiometer itself is shown at the lower right 

comer of Fig. 42 in the drawing. At the extreme back of the top plate, on 

+ — 

the left-hand side, are two binding posts which are marked STD. CELL 
and serve for connections with the standard cadmium cell of known 
electromotive force, shown at the upper right-hand corner of Fig. 42; 
a Weston cell is commonly used, and a certificate shows its electromotive 
force. On the left-hand edge of the cover are six more binding posts. 
The back two, marked ;^BA, arc for connection with a storage cell or with 
two dry cells as in Fig. 42 connected in series, the dry cells are not as 
satisfactory as two Edison cells or a lead accumulator cell because the 
current from them is less uniform. The next two binding posts marked 
;?^GA are for connections with the galvanometer; it is well to connect 
the galvanometer always in the same way so that one can tell immedi¬ 
ately by the direction of the needle whether too much or too little 
electromotive force is being furnished from the storage cell. The front 
two binding posts marked ;1;E.M.F. are for connection with the calomel 
cell and the hydrogen electrode. Since the current from the titration 
beaker must have the direction opposite to that from the storage cell, 
it is necessary to connect the calomc'l electrode, which is positive, to 
the hydrogen electrode, with the binding post marked — in titrations 
and the hydrogen electrode with the + binding post. 

There is another binding post (not shown in the drawing) on the right- 
hand end of the box, between the two knurled knobs. This binding post 
is marked c on the box and is only used when it is desired to check up the 
calibration of the slide wire resistance inside the box. By connecting c 
with the negative pole of the BA circuit (the next-to-the-last binding 
post on the left side of the cover) by a heavy copper wire and by short- 
circuiting the E.M.F. posts, all other resistance in the box is cut out so 
that the slide wire can be checked against the 5-ohm coils in the box. 

Dial Switches. — The '' Laboratory Hydrogen Ion Potentiometer 
is made in three types with pn-scales calibrated respectively for tenth- 
normal,* normal, and saturated calomel electrodes (see p. 210). The 
voltage scale is the same for all three types, but the direct-reading scale 
has to be multiplied by a different factor if a calomel cell is used other 
than of the concentration employed in calibrating the instrument and, 
therefore, the advantage of the direct-reading scale is lost. The in¬ 
strument is not always marked to show which concentration of potas¬ 
sium chloride in the calomel cell should be used. 

Corresponding to the wire a-b in Fig. 41, there are a series of 5-ohm 
resistance coils and a slide wire. For potentiometric work the essential 
thing is to have the resistance coils equal to one another and to have the 
total resistance of the slide wire 1,1 times the value of any coil. 
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The measurement of the potential is accomplished by means of two 
dial switches. The middle knurled knob on the top plate of the po¬ 
tentiometer regulates the resistance used of the resistance coils. The 
dial around this knob reads from 0 to 1.5 volts in steps of 100 milli¬ 
volts, The amount of slide wire resistance used is regulated by the 
knurled knob on the right-hand side of the top plate with a scale in 
front of it which reads to 110 millivolts. The smallest division on 
the scale represents 1 millivolt but the divisions are far enough apart so 
that the scale can be read to 0.1 millivolt with a guaranteed accuracy 
of 0.5 millivolt. The range of the slide wire overlaps that of each suc¬ 
cessive step of the resistance coil dial; the total range of the two dials 
is 1.61 volts. 

The dial on the left side of the top plate is for use with the cadmium 
cell of known electromotive force. It is set to the position correspond¬ 
ing to the potential of the cell as stated on the certificate. 

The knobs on the right-hand end of the box arc used in balancing the 
coils and slide wire against the standard cell. 

Removable Plugs. — Near the front left-hand corner of the top plate 
are two removable plugs. When pressed down tightly into the holes on 
the left marked E the instrument is ready for balancing against the 
standard cell or for making a potentiometric determination with the 
measurement in volts. When placed into the holes marked pn, the 
instrument reads directly in ph rather than volts. 

On the right-hand end of the box are three other plugs of which one 
or more are used in the balancing of the instrument against the standard 
cell. 

Tapping Buttons. — There are two tapping buttons near the front 
of the top panel a little to the left of the middle. The one on the left, 
marked RES', is connected with a protective resistance so that when 
the key is depressed only a fraction of the current will flow through the 
galvanometer. Moreover, a quick tap should be used at first, and the 
deflection of the needle noted, to avoid letting much current pass 
through the resistance coil of the galvanometer. 

Two-way Switch. — Near the front and about half-way between the 
sides of the top panel is a two-way switch. When the arrow points to 
the letters E.M.F. on the left, the switch is in the proper position for a 
potentiometric determination. When the arrow points to STD. CELL 
on the right, the switch is in the position for balancing against the 
standard cell.. 

Care of the Instrument. — The slide wire should be cleaned occasion¬ 
ally and the slide wire contact examined. Rub it vigorously with a soft 
cloth dipped in vaseline. Do not use emery under any circumstance 
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because it would destroy the uniformity of the wire. If the glass-hard 
steel slider which makes contact shows wear, roughness, or rust, do not 
use the potentiometer until this slider has been replaced. Keep the top 
screwed down tightly to exclude dust and acid fumes, and keep the 
wooden cover on when not in use. Keep the contact surfaces of the 
switch studs clean and bright by wiping them with a soft cloth dipped 
in vaseline. 

Balancing against a Standard Cell. — The determination of the 
unknown potential depends upon balancing it against a known electro¬ 
motive force. The known electromotive force comes from the storage 
or dry cells, BA, from which the current is not perfectly constant but 

E 

gradually falls off from day to day. Since, by Ohm^s law, I — -f., the 

only way to get the desired current from the storage or dry cells is to 
change the resistance that is interposed. When the resistance is so ad¬ 
justed that the instrument reads correctly for a known electromotive 
force, the proper strength of current is being used and the instrument 
will show the correct potential reading for any voltage within its range. 
The three plugs and the two knobs on the right-hand side of the instru¬ 
ment box serve for interposing resistance in the path of the current 
from the storage cell. The knob R is for the coarse adjustment and Rx 
for the fine adjustment of the resistance. 

Place the two plugs near the front, right-hand corner of the top plate 
in the left-hand position marked E, pressing them in firmly with a slight 

twisting motion. Connect the wires from the standard cell with the 

+ — 

proper binding posts marked STD. CELL on the back of the top plate 
directly behind the rotary switch. Connect the wires from the storage 
cell with the two back binding posts, on the left-hand edge of the top 
plate, marked BA, and the wires from the galvanometer with the middle 
binding posts, marked GA, It does not matter whether the electrodes 
from the titration beaker are connected with the two front binding 
posts, marked E.M.F. or not. 

Set the small rotary, two-way switch, which is just to the right of 
the two tap-keys, so that the arrow points to the lettering STD. CELL. 
Set the compensating dial on the back, left-hand side of the top plate 
to the exact voltage of the standard cell as stated on the certificate which 
is furnished with the cell. 

The instrument is calibrated at 25°, instead of 18° as has often been 
assumed in the discussion of the Nemst equation which shows the rela¬ 
tion between electromotive force and concentration of a solution. The 
electromotive force of a Weston cell at any temperature, ty is given by 
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formula E = 1,0183 ~ 0.000 038 (< — 20) volt. A slight difference in 
the laboratory temperature does not have a very great effect. 

Remove the plugs j?, 2R and 4i2 from the right-hand side of the 
box, the numbers being stamped beneath the plugs on the Bakelite side- 
panel. Turn the knobs R and R\ as far as they will go in the direction 
H. Tap the key RES^ with a quick tap and note the direction of the 
galvanometer deflection. Turn the knobs R and R} as far as they will 
go in the direction L and again tap the key RES^. If the deflection is 
in the same direction as before, insert plug R and note the direction of the 
current with the knobs in the H and L positions as before. Repeat this 
with various combinations until the deflections of the galvanometer are 
in opposite directions when the knobs are first in the position H and 
then in the position L. Insert the plugs in the following combinations 
and order: R; 2R; R and 2R; iRj R and 47^, 2R and 4/2, /2, 2R and 
4/2. When the correct combination has been found, adjust the knob /2, 
which makes a coarse adjustment, until there is a small and slow move¬ 
ment of the galvanometer needle when the key RES^ is tapped. Adjust 
the knob 72^ which gives the fine adjustment, until there is no deflection 
of the galvanometer when the key 0 is closed. The working current 
has now been adjusted so that the correct potentiometer reading is given 
for the standard cell. Turn the rotating switch so that the arrow points 
to E.M.F, and do not disturb the positions of the knobs 72 and 72^ or 
of the plugs 72, 272 and 472 until a readjusting is necessary. If the cells 
are allowed to remain in place, little readjustment of the knob 72^ is 
necessary from day to day. When all three plugs are inserted between 
the studs and the galvanometer reflection cannot be reduced to zero by 
rotating the knobs 72 and 72^ the cells must be recharged or changed. 

Electrodes. — In determining hydrogen-ion concentrations a hy¬ 
drogen electrode and a calomel electrode can be used. The potential of 
the tenth-normal calomel electrode at 25° is — 0.3376 (see p. 210), and 
the electrode is positive to the hydrogen electrode at all concentrations 
of hydrogen ions which prevail at titration end points. With the 
electrodes in the beaker fairly close together and with not-too-fine 
copper wire for connections, we can assume that the potential of the 
hydrogen electrode minus the known potential of the calomel electrode 
equals the measured electromotive force. Thus if the measured dif¬ 
ference in potential between these electrodes is 0.40 volt and the po¬ 
tential of the calomel electrode is —0.34 volt, then the single potential 
of the hydrogen electrode (which is what we really want to know) is 
4-0.06 volt, and we have 0.06 — ( — 0.34) = 0.40 volt. The fact 
that the two single potentials are on the opposite sides of the arbitrary 
0 on the potential scale is sometimes a little confusing to students. To 
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find the potential of the hydrogen electrode in a given solution we add 
the potential of the calomel cell (in this case —0.34) to the observed 
difference in potential (in this case 0.40 volt) between the electrodes 
and we have 0.40 + ( — 0.34) = 0.06 volt. 

The Nernst equation 

^ 0.0591 , C , p 17. 0.0591, 1 

=- log — can be written H-log - 

n c n c 


where Eq is the potential of the hydrogen electrode in a molal solution 
of hydrogen ions. Since n = 1 in the case of hydrogen ions (1.008 g of 
hydrogen ions per liter is a molal solution of hydrogen ions as well as a 
normal solution), and the value of jBo can be arbitrarily taken as zero in 
measuring electrode potentials, we can call V the observed potenti¬ 
ometer reading and have 


V - 0.3376 
0.059 



By changing the plugs on the top of the instrument to the positions 
marked pn, a compensating resistance is inserted in the line and the 
reading obtained will be one-tenth of the actual pn value, without any 
computation. 

The preparation of the calomel electrode was described on p. 210. 

The hydrogen electrode is of the Hildebrand type and consists of a 
curved piece of platinum foil enclosed in a glass jacket through which 
hydrogen gas is being passed while the electrode is being used against the 
calomel electrode. The platinum foil must be coated with platinum 
black. Carefully clean the electrode and remove any previous deposit 
of platinum by electrolyzing in concentrated nitric acid solution using a 
dummy platinum electrode as cathode. Continue passing the current 
until fine bubbles of gas appear over the entire surface. The formation 
of large clinging bubbles indicates that some of the previous coating has 
not been removed. 

Rinse off the electrodes well with distilled water and immediately 
electrolyze a solution containing 3 per cent PtCh and 0.025 per cent 
lead acetate in 2 N hydrochloric acid. Electrolyze for about 1 min¬ 
ute with the electrode to be platinized as cathode and the dummy as 
anode. The electrode can be precharged with hydrogen gas by elec¬ 
trolyzing in 10 per cent sulfuric acid solution with the electrode as 
cathode and the dummy as anode. 

The depth of platinum black coating is not without influence. A 
thin coating gives quicker results, but the electrode becomes poisoned 
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more readily. The electrode will not function properly if it is allowed 
to become dry or if it becomes coated with any substance that prevents 
access of hydrogen gas. Occasional testing with a so-called buffer solu¬ 
tion, that is, one with known concentration of hydrogen ions, will serve 
to detect any deterioration of the electrode. Variable readings and too 
low voltage readings indicate a poisoned electrode. In such cases it is 
necessary to clean and platinize again as described above. 

A suitable buffer solution can be obtained by using a solution which 
is tenth-molal with respect to both acetic acid and sodium acetate. 
Such a solution has a pn value of 4.63 and should give a voltage reading 
of 0.518 when a tenth-normal calomel electrode is used against the 
hydrogen electrode at 25°. W. M. Clark recommends a 0.05 M solu¬ 
tion of potassium acid phthalate, which has a pn value of 3.974. 

The hydrogen gas used can be purchased in cylinders, as is most con¬ 
venient, or it can be prepared from zinc and hydrochloric acid in a Kipp 
generator. It is best to purify the gas by passing it through a wash- 
bottle continuing 6 N potassium hydroxide solution, then through an¬ 
other bottle containing a 10 per cent solution of potassium perman¬ 
ganate to which about 2 per cent of potassium hydroxide has been added, 
and finally through an alkaline solution of pyrogallol prepared by 
dissolving 11 g of pyrogallol in 50 ml of water and mixing with a solu¬ 
tion of 150 g of solid potassium hydroxide in 250 ml of water. The 
solution has to be saturated with hydrogen gas before the platinized 
electrode will show a constant potential against the hydrogen ions and 
the hydrogen at the electrode must have a pressure of one atmosphere. 
Sometimes it takes 2 hours to saturate the solution. Mechanical 
stirring helps, but a good reading cannot be made while the stirrer is 
going. 

Measurement of an Unknown Potential. — Turn the rotary switch, 
which is just on the right of the tap keys of the cover of the potenti¬ 
ometer, so that the arrow points to the letters E,M.F. Do not change 
the plugs on the top or side of the instrument from the positions used in 
balancing against the standard ceU, Do not change the position of the 
compensating dial that was set to the potential of the standard cell and 
do not turn the knobs R and R}, On the top of the case, turn the right- 
hand knob, which regulates the slide wire, to the zero position; and turn 
the middle knob, or dial switch, so that it points to the zero position. 
Tap the key and turn the dial switch one point at a time until a 

position is reached at which the galvanometer needle reverses its direc¬ 
tion. Then turn the dial switch back one stud and adjust the slide 
wire, by means of the right-hand knob on the top plate, until there is no 
deflection when the galvanometer key is tapped, using the key marked 
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0 toward the end. Add the scale reading corresponding to the slide 
wire to that of the dial switch. 

To use the pn scale, change the two plugs from the position E to that 
marked pn and proceed exactly as just described but multiply the ob¬ 
served reading by 10. Thus if the final reading obtained by adding the 
two scales is 1.3341 volt, the 7 >h value is 13.341. 

Potential during a Titration. — When an acid is titrated with a stand¬ 
ard solution of a base, the potential of the hydrogen electrode does not 
usually change very fast until the vicinity of the end point is reached. 
When the end point is near, it is best to take readings regularly after 
additions of small portions of the reagent. Each time a reading is 
made, record the buret reading and the observed voltage. When the 



Titration of 0.1 N HCl Titration of 0.1 N 110211802 Titration of 0.1 N HC 2 H 3 O 2 

with 0.1 iV NaOII with 0.1 N NaOU with 0.1 V NHiOH 


Fig. 43. 

voltages are plotted as ordinates against the buret readings as abscissas, 
curves like those shown in Fig. 43 will be obtained. The end point is 
at the place where there is a sudden change in direction of the curve 
and the corresponding pn is half-way up the vertical lines shown in the 
titration curves. 

It is clear that the method is more tedious than that of a titration 
with indicators but it is obtained irrespective of the color of the solu¬ 
tion. Two and sometimes three acids can be titrated in the presence 
of one another provided their ionization constants are far enough apart. 
In the case of phosphoric acid the ionization constants are far enough 
apart {Ki — 1.1 X lO”'^; K 2 == 2,0 X 10“"^; Kz = 3.6 X 10“^^) so that 
three end points can be obtained with sodium hydroxide, the first cor¬ 
responding to the formation of NaH 2 P 04 at about pn = 3, the second 
corresponding to the formation of Na 2 HP 04 at about pu = 9, and the 
third corresponding to the formation of Na3P04 at about pn = 13. 

While titrating with a saturated calomel electrode and fairly wide 
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opening, it is well to flush out the tip of the capillary by adding fresh 
saturated potassium chloride to the electrode vessel every other time 
that a reading is made. When the titration is finished, plot the po¬ 
tentials after deducting the value of the calomel electrode, as ordinates 
with the buret readings as abscissas. 

Sources of Error. — One of the diflSculties likely to be encountered 
is the polarizing of the platinized electrode. When making a reading, 
if the key is held closed with the potentiometer not yet balanced, an 
appreciable current will flow and the electrode becomes polarized. This 
can be detected by taking two readings at the same point. By waiting 
a few minutes, a correct reading can be obtained, whereas the reading 
will be low if there is polarization. 

The electrode is also likely to become poisoned^ particularly when the 
solution contains ammonia or hydrogen sulfide. This can be detected 
by a peculiar drift in the galvanometer, a tendency for the needle to 
move to one side after a balance has apparently been reached. A poi- 
sioned electrode must be cleaned and replatinized. 

The tip of the calomel electrode should be flushed frequently to remove 
solution that has diffused up into the tubing. This can be avoided and 
an error due to liquid potentials overcome by using a salt bridge. 
Have the tip of the calomel electrode dip into a beaker containing a 
saturated solution of potassium chloride and have the beaker connected 
with the titration beaker by means of glass tubing, containing the 
saturated potassium chloride solution. 

Care should be taken to exclude all carbon dioxide and oxygen from 
the Kipp generator every time the outlet tube has been left exposed. 

The Quinhydrone Electrode. — To overcome the tediousness involved 
in work with the hydrogen electrode it has been proposed to place an 
unplatinized, platinum electrode in the solution which also contains 
a substance capable of oxidation if the concentration of hydrogen 
ions is sufficient. Quinone, C6H4O2, can be reduced electrolytically in 
acid solution with the formation of hydroquinone, C6H4(OH)2. The 
reaction is perfectly reversible and can be expressed as follows: 

C6H4O2 + 2 H+ + 2 e ?:± C6H4(0H)2 
The reduction potential of this reaction can be expressed as follows: 

P p , 0 059 , ^ [H2A] 

when [A] and [H2A] represent the concentrations of C6H4O2 and 
C6H4(0H)2 in moles of dissolved substance per liter. Since, however, 
quinhydrone is an equimolecular compound of quinone and hydro- 
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quinone, [H 2 A] = [A], and the equation becomes 

Eo + 0.059 log g 

which tells us that the potential of the quinhydrone electrode changes 
with the pji of the solution in exactly the same way that the hydrogen elec-- 
trode does. 

The value of J?o in the above equation is about —0.705 volt at 25® 
and that of the 0.1 iV calomel electrode is —0.338 volt. The calomel 
electrode, therefore, is negative to the quinhydrone electrode until a 
pn of about 6.2 is reached, whereas the calomel electrode is always 
positive to the hydrogen electrode. It is sometimes stated that the 
quinhydrone electrode can be used only in acid solutions because in 
alkaline solutions the hydroquinone is oxidized to a fairly strong acid. 
The ph values are inaccurate in alkaline solutions (see below) but end 
points can be obtained as follows: At the start of a titration of an 
acid with a base, connect the calomel electrode to the negative binding 
post and the indicator electrode (a bright platinum wire or piece of 
platinum foil) to the positive post, which is exactly the reverse of the 
way the connections were made with the hydrogen electrode. During 
the titration, at about pn — 7, the solution begins to turn brown and 
the electrode becomes unsteady. At this point reverse the electrodes 
and continue the titration. During the first part of the titration the 
hydroquinone (quinol) is being formed by reduction, but when the 
electrodes are connected in the opposite way the quinol is being oxidized 
to quinone. 

With the quinhydrone electrode, the ph values cannot be read di¬ 
rectly with the instrument which has been described but must be com¬ 
puted by the formula 

0.367 — observed p.d. 

^ “ 0.059 

The value 0.367 is the difference in potential between the hydroquinone 
electrode in a molal solution of H+ (—0.705 V) and that of the 0.1 AT 
calomel solution. Care must be taken to remember that when the 
indicator electrode is positive to the calomel, the observed voltages are 
to be given the positive sign in this formula, but when the connections 
are reversed they should be used with the negative sign; that is, the 
observed reading is to be added to 0.367.* 

0 453 — V 

* Uding a saturated calomel electrode at 25°, the formula becomes pu *= q ' 

The potential of the quinhydrone electrode is equal to the saturated calomel electrode 
atpa 7.67. 
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With the quinhydrone electrode the solution can be stirred vigorously 
while making the readings and the state of equilibrium is reached with 
astonishing rapidity. Usually 5 seconds is long enough to wait before 
taking a reading after the addition of reagent. If the end point alone is 
desired, a complete titration can often be made in 5 minutes. For 
these reasons, the quinhydrone electrode has become very popular in 
industrial work. The outfit shown in Fig. 44 is suitable for these 
titrations and is less expensive than the hydrogen-ion potentiometer 
that has been described. 

To prepare quinhydrone, dissolve 25 g of quinol in 100 ml of water, 
heat to 65°, and mix with a solution of 100 g of ferric-ammonium-alum 



Fig. 44. 


dissolved in 300 ml of water at 65°. Heat the two solutions separately 
and mix at 65°. Then cool the mixture in ice. A large mass of violet 
needle-shaped crystals will separate from the solution. Filter off the 
crystals, drain with suction, and wash with small portions of ice-water. 
Transfer the crystals, as soon as possible, to a glass-stoppered bottle 
of dark glass. For the titrations use a freshly prepared, saturated 
solution of quinhydrone in water, preparing only 10 ml of the solution 
at a time. Use about 4 drops of the saturated alcoholic solution in 
the solution to be titrated. 

The quinhydrone electrode is not suitable for the accurate deter¬ 
mination of ph values in alkaline solutions; the solubility of the quin¬ 
hydrone is greater than in acid solutions, the equality in the concen¬ 
trations of quinone and hydroquinone is no longer maintained, and the 
measured voltage is no lopger a linear function of the pn value of the 
solution. 
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Oxidation-Reduction Reactions. — Not only the metals can be ar¬ 
ranged in a potential series but every oxidation reaction finds a place in 
the table. Numerous oxidation reactions have been studied electro- 
metrically with a set-up like that described for use when quinhydrone 
was employed as indicator of acidity or alkalinity. The indicator elec¬ 
trode is a bright piece of platinum wire or foil and never one that is coated 
with platinum black. In most cases, the calomel electrode is connected 
to the negative binding post just as at the start of the titration with 
quinhydrone. Just as a mixture of two acids can be titrated potentio- 
inetrically and two, or even more, end points determined, so two or 
more end points can often be obtained in titrating, say, with potassium 
dichrornate or with potassium permanganate. 

In the determination of iron in limonite, for example, the sample can 
be dissolved in hydrochloric acid and the resulting ferric chloride reduced 
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by adding stannous chloride. It is then quite unnecessary to remove the 
excess of stannous chloride; the solution can be diluted and titrated 
immediately with, say, potassium dichromate solution. The first 
sudden change in the titration curve will correspond to the oxidation of 
the excess stannous chloride and the second to the complete oxidation 
of the ferrous chloride; and the volume of dichromate solution used 
between these two end points corresponds to the quantity of iron salt 
present in the solution. The titration of ferrous salts with perman¬ 
ganate in hydrochloric acid solutions can also be accomplished po- 
tentiometrically. 

Figs 45 and 46 are some curves obtained by a sophomore student 
while this book was being written. 
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Buffered Solutions of Definite pn Values* 

Prepare 0.2 molal solutions of 

A. Na 2 HP 04-2 H 2 O. Formed by exposing powdered Na 2 HP 04 '12 H 2 O 
to the air in an open dish for several weeks. Dissolve 35.6 g in water 
and dilute to 11. 

B. H8C6H6C)7-H20. Dissolve 42.0 g of citric acid in water and 
dilute to 11. 

* Clark, Determination of Hydrogen-Ion Concentration. 
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C. NaOH. Standardize against the citric acid solution using phenol- 
phthalein as indicator. Ten milliliters of the citric acid should neu- 
trahze 30 milliliters of the sodium hydroxide. 

To obtain solutions of definite pn values mix as follows: 

Ph = 4. Mix 77.1 cc of A with 122.9 cc of B. 

'PvL = 5. Mix 103.0 cc of A with 97.0 cc of B. 

Ph = 6. Mix 126.3 cc of A with 73.7 cc of B. 

Ph = 7. Mix 1G4.7 cc of A with 35.3 cc of B. 

Ph “ 8. Mix 194.5 cc of A with 5.5 cc of B. 

pH = 9. Mix 50 cc of C with 21.3 cc of D. Dilute to 200 cc. 

pH = 10. Mix 50 cc of C with 43.9 cc of D. Dilute to 200 cc. 


Suggested Laboratory Work 

(1) Connect up the apparatus as shown in Fig. 42. Instead of the 
expensive potentiometer, fairly good results can be obtained by using a 
slide-wire bridge 1 meter long and with a resistance of 100 ohms. Cal¬ 
ibrate the bridge against a standard cell as outlined on p. 295 and 
with connections as shown in Fig. 41. If a sensitive galvanometer 
is used, fairly good results can be obtained. 

(2) Prepare the calomel electrode, a supply of tenth-normal potassium 
chloride and a buffer solution (see above). 

(3) Test the buffer solution and estimate the pn value. 

(4) Titrate a solution of hydrochloric acid with tenth-normal sodium 
hydroxide using first the hydrogen electrode and then the quinhydrone 
electrode. 

(5) Determine the iron content of an ore using a procedure similar 
to that given on p. 92 but without removing the excess stannous chlo¬ 
ride with mercuric chloride solution. 

(6) Analyze a solution of sodium hydroxide and sodium carbonate, or 
a solution of sodium carbonate and sodium bicarbonate, or a solution of 
phosphoric acid and sodium dihydrogen phosphate, or a solution of 
monosodium phosphate and disodium phosphate, or a solution of di¬ 
sodium phosphate and trisodium phosphate. 


Home Problems 

72. Plot, with millivolts of electrode potential as ordinates against milliliters of 
NaOH as abscissas, a curve for the titration of 20.0 ml of 0.1 iV HCl with 0.1 AT 
NaOH, showing when the solution is exactly neutral and when the desired end point 
occurs, using the following data: 

ml 0.0 4.0 8.0 12.0 16.0 18.0 19.0 19.5 19.8 20.0 

mv 350 355 370 390 427 450 480 515 550 690 

ml 20.2 20.5 21.0 22.0 24.0 28.0 32.0 

mv 840 875 900 930 948 970 985 
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POTENTIOMETRIC TITRATIONS 


73. Plot in the same way (on the same sheet) the titration of 20.0 ml of 0.1 AT 
acetic acid with 0.1 iV NaOH using the following data: 


ml 

0.0 

4.0 

8.0 

12.0 

16.0 

18.0 

19.0 

19.5 

19.8 

20.0 

mv 

420 

475 

540 

588 

620 

638 

650 

670 

790 

830 

ml 

20.2 

20.5 

21.0 

22.0 

24.0 

28.0 

32.0 




mv 

856 

875 

900 

930 

948 

970 

985 





Explain the differences of this graph from that of the previous problem. 

74. Plot in the same way the titration of 0.0000 g of Na 2 C 03 in 200 ml of boiled 
water using 0.4 N HCl at 25° from the following data: 


ml 

0.0 

5.0 

10.0 

15.0 

18.0 

19.0 

20.0 

21.0 

22.0 

25.0 

30.0 

mv 

916 

855 

838 

794 

777 

765 

740 

704 

680 

661 

630 

ml 

35.0 

40.0 

40.5 

41.0 

41.5 

42.0 

43.0 

45.0 

50.0 



mv 

602 

565 

550 

455 

416 

400 

390 

370 

360 




75. Similarly make a plot for the titration of 40 ml of 0.2133 N H 8 PO 4 diluted 
with water to 200 ml and titrated with 0.2 N NaOII at 25°. Show the pu at which 
the saturation of the first and second H ions of II3PO4 occur. 


ml 

0 

5 

10 

13.01 

13.5 

13.8 

14.0 

14.2 

14.4 

14.8 

15.5 

mv 

300 

315 

350 

385 

398 

405 

415 

450 

525 

555 

565 

ml 

17.0 

20.0 

25.0 

27.5 

28.5 

28.8 

29.0 

29.2 

29.5 

30.0 

31.0 

mv 

580 

603 

640 

658 

675 

685 

740 

760 

795 

815 

835 


ml 35.0 40.0 

mv 870 890 

In solving the following problems bear in mind that phenolphthalein changes color 
at pH = 9 and methyl orange at pn = 4. 

76. How many milliliters of 0.1 AT NaOH must be added to 1 1 of water to cause 
it to turn 0.03 ml of 1 per cent phenolphthalein in the solution pink? 

77. If a solution contains NH4OH to make it 0.001 N as a base and is 0.1 N in 
NH4CI, what color would you expect on adding a drop of phenolphthalein to one 
portion and a drop of methyl orange to another? The ionization constant of 
NH4OH can be taken as 1.8 X 10~® and the NH4CI can be regarded as all ionized. 

78. In titrating 50 ml of 0.5016 N NaOH (diluted to 200 ml) with 0.5 N HCl 
and using phenolphthalein as indicator, find the percentage error caused by the fact 
that the indicator change does not occur at exactly Ph = 7. 

Assuming that the buret readings are good to ±0.02 ml and that the normal con¬ 
centration of the NaOH is accurate to 1 part in 1000, what would be the precision of 
this titration for establishing the N concentration of the HCl if the color changes 
can be reproduced with volumes agreeing within ±0.04 ml and no other errors are 
to be considered? 

79. A 0.1 N solution of Na salt of a weak monobasic acid gives a rose transition 
tint when a few drops of phenolphthalein are added but remains colorless with a few 
drops of thymolphthalein (this indicator starts to turn from colorless to blue at 

10). Calculate approximate degree of hydrolysis of the salt. 

80. 250 ml of KMn 04 titrated with 0.1076 N Mohr^s salt solution gave the follow¬ 
ing data: 

ml 0.0 5.0 10.0 15.0 20.0 21.0 21.5 22.0 22.2 22.4 23.0 25.0 

mv 720 745 756 762 770 771 770 768 450 390 350 oS scale 

Plot the titration curve and determine N of KMn 04 . 
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81, The Cr in 5 g of steel was oxidized to chromate and then titrated electro- 
metrically with 0.1039 N copperas solution. Compute the percentage of chromium 
from the following data: 

ml 0.0 5.0 10.0 15.0 20.0 25.0 30.0 35.0 36.0 37.0 37.5 38.0 38.3 

mv ()50 790 800 810 820 840 860 878 885 887 887 885 884 

ml 38.4 39.0 40.0 45.0 

mv 503 445 415 390 
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COMPARISON OF METRIC AND CUSTOMARY UNITS (U.S.) 

LENGTH 

1 iriillimoter, mm = 0.03937 inch. 1 inch = 25.4 millimeters. 

1 centimeter, cm = 0.39371 inch. 1 inch = 2.5400 centimeters. 

1 meter, m = 3.2808 feet. 1 foot = 0.30480 meter. 

1 meter = 1.0930 yards. 1 yard = 0.91440 meter. 

1 kdorneter - 0.62137 (U.S.) mile. 1 mile = 1.6094 kilometers. 


AREAS 


1 square millimeter, sq mm = 0.00155 sq in. 

1 sq in 

= 645.16 sq mm. 

1 square centimeter, sq 

cm = 0.1550 sq in. 

1 sq in 

= 6.452 sq cm. 

1 square meter, sq m 

= aO.764 sq ft. 

1 sq ft 

= 0.0929 sq m. 

1 square meter 

= 1.196 sq yd. 

1 sq yd 

= 0.8361 sq m. 

1 square kilometer 

== 0.3861 sq mi. 

1 sq mi 

= 2.5900 sq km. 

1 hectare 

= 2.471 acres. 

1 acre 

- 0.4047 hectare. 


VOLUMES 



1 cubic millimeter, cu mm = 0.00(X)61 cu. in. 

1 cu in 

= 16,387 cu mm. 

1 cubic centimeter, ml 

— 0.06103 cu in. 

1 cu in 

== 16.387 ml. 

1 cubic meter 

= 35.314 cu ft. 

1 cu ft 

= 0.02832 cu m. 


= 61,028 cu in. 


= 28.32 liters. 

1 cubic meter 

= 1.3079 cu yd. 

1 cu yd 

= 0.7645 cu m. 


CAPACITIES 



1 cubic centimeter, ml 

= 0.03381 (U.S.) liquid oz. 

1 ounce 

= 29.574 ml. 

1 cubic centimeter 

= 0.2705 (U.S.) apothecaries’ 




dram. 

1 dram 

= 3.6967 ml. 

1 cubic centimeter 

= 0.8115 (U.S.) apothecaries’ 




scruple. 

1 scruple 

= 1.2322 ml. 

1 liter 

==■ 1.05668 (U.S.) liquid qts. 

1 quart 

— 0.94636 liter. 

1 liter 

= 0.26417 (U.S.) gallon. 

1 gallon 

- 3.78543 liters. 

1 liter 

= 0.11351 (U.S.) peck. 

1 peck 

= 8.80982 liters. 

1 hectoliter 

* 2.83774 (U.S.) bushels. 

1 bushel 

= 0.35239 hectoliter. 


MASSES 

1 gram = 15.432 grains. 1 grain » 0.06480 gram. 

1 gram « 0.03527 avoirdupois 

ounce. 1 ounce (av.) « 28.350 grams « 437.5 grains. 

Igram — 0.03215 troy ounce. 1 ounce (troy) « 31.103 grams « 480 grains. 

1 kilogram « 2.2046 pounds (av.). 1 pound (av.) *= 0.4536 kilogram. 

1 kilogram « 2.6792 pounds ftroy). 1 pound (troy) » 0.37324 kilogram. 
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AVOIRDUPOIS WEIGHT 

The system of weights in ordinary use by which common or heavy articles are 
weighed. 

16 drams = 1 ounce = 28.35 grams. 

16 ounces = 1 pound = 453.59 grams. 

25 pounds = 1 quarter = 11.34 kilograms. 

4 quarters = 1 hundred weight — 45.359 kilograms. 

APOTHECARIES’ WEIGHT 

The system of weights sometimes employed in weighing medicines. 

1 grain — 0.0648 gram. 

20 grains — 1 scruple = 1.296 grams. 

3 scruples = 1 drachm = 3.888 grams. 

8 drachms = 1 ounce = 31.10 grams. 

12 ounces = 1 pound = 373.23 grams. 

1 apothecaries’ (or troy) pound contains 5760 grains. 

1 apothecaries’ (or troy) ounce contains 480 grains. 

FLUID MEASURE 

1 minim — 0.06161 cubic centimeter. 

60 minims = 1 fluid drachm == 3.696 cubic centimeters. 

8 fluid drachms = 1 fluid ounce = 29.573 cubic centimeters. 

16 fluid ounces = 1 pint = 473.18 cubic centimeters. 

8 pints = 1 gallon = 3.785 liters. 

1 gallon contains 231 cubic inches. 

The minim, fluid drachm, fluid ounce and pint are the fluid measures sometimes 
employed by apothecaries. 

Useful Approximations 

1 molecular weight in grams of a gas = 22.4 liters. 

1 molecular weight in pounds of a gas = 359 cubic feet. 

To find temperatures on the absolute scales, w’hich starts at the “ absolute ” zero, 
add 273° to the reading of the Centigrade thermometer or'459.4° to the reading of 
the Fahrenheit thermometer. The so-called standard conditions ” for measuring 
gases (0° and 760 mm of Hg pressure) are 273° (absolute) and 760 mm or 491.4° F. 
(absolute) and 29.92 inches of mercury pressure or 14.7 pounds per square inch. 


SPECIFIC GRAVITIES OF COMMON SUBSTANCES 


Aluminum 

2.7 

Lead 

11.3 

Quartz 

2.66 

Brass 

8.4 

Marble 

2.7 

Rock Salt 

2.16 

Cast iron 

7.3 

Mercury 

13.6 

Silver 

10.5 

Glass 

2.6 

Nickel 

8.7 

Steel 

7.8 

Gold 

19.3 

Platinum 

21.4 

Sulfur 

2.05 

Ivory 

1.9 

Porcelain 

2.4 

Zinc 

7.10 
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COMMON LABORATORY REAGENTS 


Common Laboratory Reagents 

In analytical directions, the concentration of a solution is sometimes designated by 
the specific gravity, sometimes by the normality, and sometimes by the percentage 
of active reagent present. In the case of acids and bases the percentage of active 
reagent is always based on the weight of the solution. In the case of salt solutions, 
the chemist is usually careless and calls, for example, a 10 per cent solution one that 
contains 10 g of solid jier 100 ml. 


Reagent 

Normal 

Concn. 

Rp. 

Gr. 

1 

1 1 ml 

Containa 

Preparation 

Acetic acid 
(glacial) 

17 5 N 

j 

1 06 

1 06g 

HCjHaOj 

Purchased 

Acetic acid 
(diluted) 

6iV 

1 05 

0 36 K 
HCaH.O, 

Mix 350 ml of glacial acetic 
acid with 650 ml of water 

Ammonium hydrox¬ 
ide (concentrated) 

15 N 

0 90 

0 26 g 

NIL 

Purchased 

Ammonium hydrox¬ 
ide (diluted) 

6A 

0 96 

0 10 k 
NH., 

Mix 400 ml of strong NH4OH 
with 600 ml of water 

Hydrochloric acid 
(concentrated) 

12 N 

1 19 

0 43 k 
HCl 

Purchased 

Hydrochloric acid 
(diluted) 

QN 

1 1 

0 22g 

HCl 

1 

Mix the concentrated acid 
with an etjual volume of 
water 

Hydrofluoric acid 

27 N 

1 15 

0 .Wg 

HF .and 

Purchased in ceresin bottles 

Phosphoric acid 

15 M 

1 71 

1 45 g 
H 3 PO 4 

Purchased 

Sulfuric acid 
(concentrated) 

36 N 

1 84 

1 76 g 
H 2 SO 4 

Purchased 

Sulfuric acid 
(diluted) 

18 AT 

1.49 

0 88g 

H 2 SO 4 

Pour 465 ml of concentrated 

1 acid into 535 ml of water 

Sulfuric acid 
(diluted) 

6 A 

1.18 

0 29g 
HsSO« 

Pour 200 ml of concentrated 
acid into 1 1 of water 
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TENSION OF WATER VAPOR ACCORDING TO REGNAULT 


Degrees, 

C. 

Tension in 
Millimeters 

-2.0 

3.955 

1.9 

3.985 

1.8 

4.016 

1.7 

4.047 

1.6 

4.078 

1.5 

4.109 

1.4 

4.140 

1.3 

4.171 

1.2 

4.203 

1.1 

4.235 

1.0 

4.267 

0.9 

4.299 

0.8 

4.331 

0.7 

4.364 

0.6 

4.397 

0.5 

4.430 

0.4 

4.403 

0.3 

4.497 

0.2 

4.531 

0.1 

4.565 

0.0 

4.600 

+0.1 

4.633 

0.2 

4.667 

0.3 

4.700 

0.4 

4.733 

0.5 

4.767 

0.6 

4.801 

0.7 

4.836 

0.8 

4.871 

0.9 

4.905 

1.0 

4.940 

1.1 

4.975 

1.2 

5.011 

1.3 

5.047 

1.4 

5.082 

1.5 

5.118 

1.6 

6.155 

1.7 

5.191 

1.8 

5.228 

1.9 

5.265 ! 


Degrees, 

C. 

Tension in 
Millimeters 

+2.0 

5.302 

2.1 

5.340 

2.2 

5.378 

2.3 

5.416 

2.4 

6.454 

2.5 

5.491 

2.6 

5.530 

2.7 

5.569 

2.8 

5.608 

2.9 

5.647 

3.0 

5.687 

3.1 

5.727 

3.2 

5.767 

3.3 

5.807 

3.4 

5.848 

3.5 

5.889 

3.6 

5.930 

3.7 

5.972 

3.8 

6.014 

3.9 

6.055 

4.0 

6.097 

4.1 

6.140 

4.2 

6.183 

4.3 

6.226 

4.4 

6.270 

4.5 

6.313 

4.6 

6.357 

4.7 

6.401 

4.8 

6.445 

4.9 

6.490 

5.0 

6.534 

5.1 

6.580 

5.2 

6.625 

5.3 

6.671 

5.4 

6.717 

5.5 

6.763 

5.6 

6.810 

5.7 

6.857 

5.8 

6.904 

5.9 

6.951 


Degrees, 

C. 

Tension in 
Millimeters 

+6.0 

6.998 

6.1 

7.047 

6.2 

7.095 

6.3 

7.144 

6.4 

7.193 

6.5 

7.242 

6.6 

7.292 

6.7 

7.342 

6.8 

7.392 

6.9 

7.442 

7.0 

7.492 

7.1 

7.544 

7.2 

7.595 

7.3 

7.647 

7.4 

7.699 

7.5 

7.751 

7.6 

7.804 

7.7 

7.857 

7.8 

7.910 

7.9 

7.964 

8.0 

8.017 

8.1 

8.072 

8.2 

8.126 

8.3 

8.181 

8.4 

8.236 

8.5 

8.291 

8.6 

8.347 

8.7 

8.404 

8.8 

8.461 

8.9 

8.517 

9.0 

8.574 

9.1 

8.632 

9.2 

8.690 

9.3 

8.748 

9.4 

8.807 

9.5 

8.865 

9.6 

8.925 

9.7 

8.985 

9.8 

9.045 

9.9 

9.105 
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TENSION OF WATER VAPOR ACCORDING TO REGNAULT--Continued 


Degees. 

Tension in 
Millimeters 

Defprees, 

C. 

Tension in 
Millimeters 

Degrees, 

C. 

Tension in 
Millimeters 

+10.0 

9.165 

+14.0 

11.908 

+ 18.0 

15.357 

10.1 

9.227 

14.1 

11.986 

18.1 

15.454 

10.2 

9.288 

14.2 

12.064 

18.2 

15.552 

10.3 

9.350 

14.3 

12.142 

18.3 

15.650 

10.4 

9.412 

14.4 

12.220 

18.4 

15.747 

10.5 

9.474 

14.5 

12.298 

18.5 

15.845 

10.6 

9.537 

14.6 

12.378 

18.6 

15.945 

10.7 

9.601 

14.7 

12.458 

18.7 

16.045 

10.8 

9.665 

14.8 

12.538 

18.8 

16.145 

10.9 

9.728 

14.9 

12.619 

18.9 

16.246 

11.0 

9.792 

15.0 

12.699 

19.0 

16.346 

11.1 

9.857 

15.1 

12.781 

19.1 

16.449 

11.2 

9.923 

15.2 

12.864 

19.2 

16.552 

11.3 

9.989 

15.3 

12.947 

19.3 

16.655 

11.4 

10.054 

15.4 

13.029 

19.4 

16.758 

11.5 

10.120 

15.5 

13.112 

19.5 

16.861 

11.6 

10.187 

15.6 

13.197 

19.6 

16.967 

11.7 

10.255 

15.7 

13.281 

19.7 

17.073 

11.8 

10.322 

15.8 

13.366 

19.8 

17.179 

11,9 

10.389 

15.9 

13.451 

19.9 

17.285 

12.0 

10.457 

16.0 

13.536 

20.0 

17.391 

12.1 

10.526 

16.1 

13.623 

20.1 

17.500 

12.2 

10.596 

16.2 

13.710 

20.2 

17.608 

12.3 

10.665 

16.3 

13.797 

20.3 

17.717 

12.4 

10.734 

16.4 

13.885 

20.4 

17.826 

12.5 

10.804 

16.5 

13.972 

20.5 

17.935 

12.6 

10.875 

16.6 

14.062 

20.6 

18.047 

12.7 

10.947 

16.7 

14.151 

20.7 

18.159 

12.8 

11.019 

16.8 

14.241 

20.8 

18.271 

12.9 

11.090 

16.9 

14.331 

20.9 

18.383 

13.0 

11.162 

17.0 

' 14.421 

21.0 

18.495 

13.1 

11.235 

17,1 

14.513 

21.1 

18.610 

13.2 

11.309 

17.2 

14.605 

21.2 

18.724 

13.3 

11.383 

17.3 

14.697 

21.3 

18.839 

13.4 

11.456 

17,4 

14.790 

21.4 

18.954 

13.5 

11.530 

17.5 

14.882 

21.5 

19.069 

13.6 

11.605 

i 17.6 

14.977 

21.6 

19.187 

13.7 

11.681 

17.7 

15.072 

21.7 

19.306 

13.8 

11.757 

17.8 

15.167 

21.8 

19.423 

13.9 

11.832 

17.9 

15.262 

21.9 

19.541 
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TENSION OF WATER VAPOR ACCORDING TO REGNAULT—Cowe/aded 


Dc^reee. 

Tension in 
Millimeters 

+22.0 

19.659 

22.1 

19.780 

22.2 

19.901 

22.3 

20.022 

22.4 

20.143 

22.5 

20.265 

22 6 

20.389 

22 7 

20.514 

22.8 

20.639 

22.9 

20.763 

23.0 

20.888 

23 1 

21.016 

23 2 

21.144 

23 3 

21.272 

23.4 

21.400 

23 5 

21.528 

23 6 

21.659 

23 7 

21.790 

23 8 

21.921 

23.9 1 

22.053 

24.0 

22.184 

24.1 

22.319 

24.2 

22.453 

24.3 

22.588 

24.4 

22.723 

24.5 

22.858 

24.6 

22.996 

24.7 

23.135 

24.8 

23.273 

24.9 

23.411 

25.0 

23.650 

25.1 

23.692 

25.2 

23.834 

26.3 

23.976 

26.4 

24.119 

26.6 

24.261 

26.6 

24.406 

26.7 

24.552 

26.8 

24.697 

25.9 

24.842 

26.0 

24.988 

26.1 

25.138 

26.2 

25.288 

26.3 

26.438 

26.4 

26.688 


Degrees, 

Tension ir 
Millimeter 

+26.5 

25.738 

26.6 

25.891 

26.7 

26.045 

26.8 

26.198 

26.9 

26.351 

27.0 

26.505 

27.1 

26.663 

27.2 

26.820 

27.3 

26.978 

27.4 

27.136 

27.5 

27.294 

27.6 

27.455 

27.7 

27.617 

27.8 

27.778 

27.9 

27.939 

28.0 

28.101 

28.1 

28.267 

28.2 1 

28.433 

28.3 

28.599 

28.4 

28.765 

28.5 

28.931 

28.6 

29.101 

28.7 

29.271 

28.8 

29.441 

28.9 

29.612 

29.0 

29.782 

29.1 

29.956 

29.2 

30.131 

29.3 

30.305 

29.4 

30.479 

29.5 

30.654 

29.6 

30.833 

29.7 

31.011 

29.8 

31.190 

29.9 

31.369 

30.0 

31.548 

30.1 

31.729 

30.2 

31.911 

30.3 

32.094 

30.4 

32.278 

30.5 

32.463 

30.6 

32.650 

30.7 

32.837 

30.8 

33.026 

30.9 

33.216 


Degrees, 

Tension ir 
Millimeter 

+31.0 

33.405 

31.1 i 

33.596 

31.2 i 

33.787 

31.3 

33.980 

31.4 

34.174 

31.5 

34.368 

31.6 

34.564 

31.7 

34.761 

31.8 

34.959 

31.9 

35.159 

32.0 

35.359 

32.1 

35.559 

32.2 i 

35.760 

32.3 : 

35.962 

32.4 1 

36.165 

32.5 

36.370 

32.6 i 

36.576 

32.7 

36.783 

32.8 

36.991 

32.9 

37.200 

33.0 

37.410 

33.1 

37.621 

33.2 

37.832 

33.3 

38.045 

33.4 

38.258 

33.5 

38.473 

33.6 

38.689 

33.7 

38.906 

33.8 

39.124 

33.9 

39.344 

34.0 

39.565 

34.1 

39.786 

34.2 

40.007 

34.3 

40.230 

34.4 

40.455 

34.5 

40.680 

34.6 

1 40.907 

34.7 

41.135 

34.8 

41.364 

34.9 

41.695 

36.0 

41.827 
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DENSITY OF ACETIC ACID 


DENSITY OF ACETIC ACID AT 15“ 


Specific 

Gravity 


Per Cent Specific 
H.CsHjOa Gravity 
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DENSITY OF PHOSPHORIC ACID AT 17.5® 


Speoifio 

Gravity 

Per 

Cent 

PaOfi 

Percent 

HaP04 

Specific 

Gravity 

Per 

Cent 

P 2 O* 

Per Cent 
HaPOa 

Specific 

Gravity 

Per 

Cent 

PaO« 

Per Cent 
H,P04 

1.809 

68.0 

93.67 

1.462 

46.0 

63.37 

■11 

24.0 

33.06 

1.800 

67.5 

92.99 

1.455 

45.5 

62.68 


23.5 

32.37 

1.792 

67.0 

92.30 

1.448 

45.0 

61.99 


23.0 

31.68 

1.783 

66.5 

91.61 

1.441 

44.5 

61.30 

1.193 

22.5 

30.99 

1.775 

66.0 

90.92 

1.435 

44.0 

60.61 

1.188 

22.0 

30..31 

1.766 

65.5 

90.23 

1.428 

43.5 

59.92 

1.183 

21.5 

29.62 

1.758 

65.0 

89.54 

1.422 

43.0 

59.23 

1.178 

21.0 

28.93 

1.750 

64.5 

88.85 

1.415 

42.5 

58.55 

1.174 


28.24 

1.741 

64.0 

88.16 

1.409 

42.0 

57.86 

1.169 

20.0 

27.55 

1.733 

63.5 

87.48 

1.402 

41.5 

57.17 

1.164 

19.5 

26 86 

1.725 

63.0 

86.79 

1.396 

41.0 

56.48 

1.159 

19.0 

26.17 

1.717 

62.5 

86.10 

1.389 

40.5 

55.79 

1.155 

18.5 

25.48 

1.709 

62.0 

85.41 

1.383 

40.0 

55.10 

1.150 

18.0 

24.80 

1.701 

61.5 

84.72 

1.377 

39.5 

54.41 

1.145 

17.5 

24.11 

1.693 

61.0 

84.03 

1,371 

39.0 

53.72 

1.140 

17.0 

23.42 

1.685 

60.5 

83.34 

1.365 

38.5 

53.04 

1.135 

16.5 

22.73 

1.677 

60.0 

82.65 

1.359 

38.0 

52.35 

1.130 

16.0 

22.04 

1.669 

59.5 

81.97 

1.354 

37.5 

51.66 

1.126 

15.5 

21.35 

1.601 

59.0 

81.28 

1.348 

37.0 

50.97 

1.122 

15.0 

20.66 

1.653 

58.5 

80.59 

1.342 

36.5 

50.28 

1.118 

14.5 

19.97 

1.645 

58.0 

79.90 

1.336 

36.0 

49.59 

1.113 

14.0 

19.28 

1.637 

57.5 

79.21 

1.330 

35.5 

48.90 

1.109 

13.5 

18.60 

1.629 

57.0 

78.52 

1.325 

35.0 

48.21 


13.0 

17.91 

1.621 

56.5 

77.83 

1.319 

34.5 1 

47.52 


12.5 

17.22 

1.613 

56.0 1 

77.14 

1.314 

34.0 

46.84 

1.096 

12.0 

16.53 

1.605 

55.5 

76.45 

1.308 

33.5 

46.15 

1.091 

11.5 

15 84 

1.597 

55.0 

75.77 

1.303 

33.0 

45.46 

1.087 

11.0 

15.15 

1.589 

54.5 

75.08 

1.298 

32.5 

44.77 

1.083 

10.5 

14.46 

1.581 

54.0 

74.39 

1.292 

32.0 

44.08 

1.079 


13.77 

1.574 

53.5 

73.70 

1.287 

31.5 

43.39 

1.074 

9.5 

13.09 

1.566 

53.0 

73.01 

1.281 

31.0 

42.70 

1.070 

9.0 

12.40 

1.559 

52.5 

72.32 

1.276 

30.5 

42.01 

1.066 

8.5 

11.71 

1.551 

52.0 

71.63 

1.271 

30.0 

41.33 

1.062 

8.0 

11.02 

1.543 

51.5 

70.94 

1,265 

29.5 

40.64 

1.058 

7.5 

10.33 

1.536 

51.0 

70.26 

1.260 

29.0 

39.95 

1.053 

7.0 

9.64 

1.528 

50.5 

69.57 

1.255 

28.5 

39.26 

1.049 

6.5 

8.95 

1.521 

50.0 

68.88 

1.249 

28.0 

38.57 

1.045 

6.0 

8.26 

1.513 

49.5 

68.19 


27.5 

37.88 

1.041 

5.5 

7.57 

1.505 

49.0 

67.50 

■Pii 

27,0 

37.19 

1.037 

5.0 

6.89 

1.498 

48.5 

66.81 


26.6 

36.50 

1.033 

4.5 

6.20 

1.491 

48.0 

66.12 


26.0 

35.82 

1.029 

4.0 

5.51 

1.484 

47.5 

65.43 


25.5 1 

35.13 

1.025 

3.5 

4.82 

1.476 

47.0 

64.75 


25.0 

34.44 

1.021 

3.0 

4.13 

1.469 

1 

46.5 

64.06 


24.5 

33.75 

1.017 

2.5 

3.44 
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DENSITY OF STRONG ACIDS IN VACUO 


DENSITY OF STRONG ACIDS AT 15° IN VACUO 
(According to Lunge, Isler, Naef, and Marchlbwsky)* 


Specific 
Gravity 
, 16" 

(Vacao) 

Per Cent by Weight 

Specific 

Gravity 

^16" 

at-;^ 

(Vacuo) 

Per Cent by Weight 

HCl 

HNO, 

H 2 SO 4 

HNO, 

HsSO, 

1.000 

0.16 

0.10 

0.09 

1.235 

37.61 

31.70 

1.005 

1.15 

1.00 

0.95 

1.240 

38.27 

32.28 

1.010 

2.14 

1.90 

1.57 

1.245 

39.03 

32.86 

1.015 

3.12 

2.80 

2.30 

1.250 

39.80 

33.43 

1,020 

4.13 

3.70 

3.03 

1.255 

40.56 

34.00 

1.025 

5.15 

4.60 

3.76 

1.260 

41.32 

34.57 

1.030 

6.15 

5.50 

4.49 

1.265 

42.08 

35.14 

1.035 

7.15 

6.38 

5.23 

1.270 

42.86 

35.71 

1.040 

8.16 

7.26 

5.96 

1.275 

43.62 

36.29 

1.045 

9.16 

8.13 

6.67 

1.280 

44.39 

36.87 

1.050 

10.17 

8.99 

7.37 

1.285 

45.16 

37.45 

1.055 

11.18 

9.84 

8.07 

1.290 

45.93 

38.03 

1.060 

12.19 

10.67 

8.77 

1.295 

46.70 

38.61 

1.065 

13.19 

11.50 

9.47 

1.300 

47.47 

39.19 

1.070 

14.17 

12.32 

10.19 

1.305 

48.24 

39.77 

1.075 

15.16 

13.14 

10.90 

1.310 

49.05 

40.35 

1.080 

16.15 

13.94 

11.60 

1.315 

49.88 

40.93 

1.085 

17.13 

14.73 

12.30 

1.320 

50.69 

41.50 

1.090 

18.11 

15.52 

12.99 

1.325 

51.51 

42.08 

1.095 

19.06 

16.31 

13.67 

1.330 

52.34 

42.66 

1.100 

20.01 

17.10 

14.35 

1.335 

53.17 

43.20 

1.105 

20.97 

17.88 

15.03 

1.340 

54.04 

43.74 

1.110 

21.92 

18.66 

15.71 

1.345 

54.90 

44.28 

1.115 

22.86 

19.44 

16,36 

1.350 

55.76 

44.82 

1.120 

23.82 

20.22 

17.01 

1.355 

56.63 

46.36 

1.125 

24.78 

20.99 

1 17.66 

1.360 

57.54 

45.88 

1.130 

25.75 

21.76 

18.31 

1.365 

58.45 

46.41 

1.135 

26.70 

22.53 

18.96 

1.370 

59.36 

46.94 

1.140 

27.66 

23.30 

19.61 

1.375 

60.27 

47.47 

1.145 

28.61 

24.07 

20.26 

1.380 

61.24 

48.00 

1.150 

29.57 

24.83 

20.91 

1.385 

62.21 

48.53 

1.155 

30.55 

25.59 

21.55 

1.390 

63.20 

49.06 

1.160 

31.52 

26.35 

22.19 

1.395 

64.22 

49.59 

1.165 

32.49 

27.11 

22.83 

1.400 

65.27 

50.11 

1.170 

33.46 

27.87 

23.47 

1.405 

66.37 

50.63 

1.175 

34.42 

28.62 

24.12 

1.410 

67.47 

51.15 

1,180 

35.39 

29.37 

24.76 

1.415 

68.60 

51.66 

1.185 

36.31 

30.12 

25.40 

1.420 

69.77 

62.16 

1.190 

37.23 

30.87 

26.04 

1.425 

70.95 

52.63 

1.195 

38.16 

31.60 

26.68 

1.430 

72,14 

53.11 

1.200 

39.11 

32,34 

27.32 

1.435 

73.36 

53,59 

1.205 


33.07 

27.95 

1.440 

74.64 

54.07 

1.210 


33.80 

28.58 

1.445 

75.94 

54.55 

1.215 


34.53 

29.21 

1.450 

77.24 

55.03 

1.220 


35,26 

29.84 

1.455 

78.56 

56.60 

1.225 


36.01 

30.48 

1.460 

79.94 

56.97 

1.230 


36.76 

31.11 

1.465 

81.38 

56.43 


LuDg0-Beri. Ckem, ttckn. UtUerduckungtnietkod^n* 
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DENSITY OF STRONG ACIDS AT 15^ IN VACUO — Confonwed 


Specific 

Gfravity 

15** 

at-p* 

(Vacuo) 

Per Cent by Weight 

Specific 

Gravity 

15** 

at-jT 

(Vacuo) 

Per Ont by 
Weight 

Specific 
Gravity 
♦ 15** 

(Vacuo) 

Per Cent 
by 

Weight 

HNO, 

H^S04 

HsSOi 

HsSOi 

1.470 

82.86 

56.90 

1.610 

69.56 

1.750 

81.56 

1.475 

84.41 

57.37 


70.00 

1.756 

82.00 

1.480 

86.01 

57.83 


70.42 

1.760 

82.44 

1.485 

87.66 

58.28 


70.85 

1.765 

83.01 

1.490 

89.86 

58.74 

1.630 

71.27 


83.51 

1.495 

91.56 

59.22 

1.635 

71.70 


84.02 

1.600 

94.04 

59.70 . 

1.640 

72.12 


84.50 

1.605 

96.34 

60.18 

1.645 

72.55 


85.10 

1.610 

98.05 

60.65 

1.650 

72.96 

1.790 

85.70 

1.516 

99.02 

61.12 

1.655 

73.40 

1.795 

86.30 

1.520 

99.62 

61.59 

1.660 

73.81 

1.800 

86.92 

1.525 


62.06 

1.665 

74.24 


87.60 

1.630 


62.53 

1.670 

74.66 


88.30 

1.535 


63.00 

1.675 

75.08 


89.16 

1.540 


63.43 

1.680 

75.50 


90.05 

1.545 


63.85 

1.685 

i 75.94 


91.00 

1.550 


64.26 

1.690 

76.38 


92.10 

1.555 


64.67 

1.695 

76.76 


93.56 

1.660 


65.20 

1.700 

77.17 


95.60 

1,565 


65.65 

1.705 

77.60 

1.8405 

1 95.95 

1.570 


66.09 

1.710 

78.04 

1.8410 

96.38 

1.675 


66.53 

1.715 

78.48 

1.8415 

97.35 

1.580 


66.95 

1.720 

78.92 

1.8410 

98.20 

1.685 


67.40 

1.725 

79.36 

1.8405 

98.52 

1.690 


67.83 

1.730 

79.80 

1.8400 

98.72 

1.595 


68.26 

1.735 

80.24 

1.8395 

98.77 

1.600 


68.70 

1.740 

80.68 

1.8390 

99.12 

1.605 


69.13 

1.745 

81.12 

1.8385 

99.31 

















318 POTASSIUM AND SODIUM HYDROXIDE SOLUTIONS 


DENSITY OF POTASSIUM AND SODIUM HYDROXIDE 
SOLUTIONS AT 15° C. 


Specific 

Gravity 


1.007 

1.014 

1.022 

1.029 

1.037 

1.045 

1.052 

1.060 

1.067 

1.075 

1.083 

1.091 

1.100 

1.108 

1.116 

1.125 

1.134 

1.142 

1.152 

1.162 

1,171 

1.180 

1.190 

1.200 

1.210 

1.220 

1.231 

1.241 


Per Cent 
KOH 


0.9 

1.7 

2.6 

3.5 

4.5 

5.6 

6.4 

7.4 
8.2 
9.2 

10.1 

10.9 
12.0 

12.9 

13.8 

14.8 
15.7 

16.5 

17.6 

18.6 

19.5 

20.5 

21.4 

22.4 
23.3 
24.2 

25.1 

26.1 


Per Cent 
NaOH 


0.59 

1.20 

1.65 

2.50 
3.22 
3.79 

4.50 
5.20 
5.86 
6.58 
7.30 
8.07 
8.78 

9.50 
10,30 
11,06 

11.90 

12.69 
13.50 
14,35 
15.15 
16.00 

16.91 
17.81 
18.71 
19.65 

20.69 
21.55 


Specific 

Gravity 


1.252 
1.263 
1.274 
1.285 
1.297 
1.308 
1.320 
1.332 
1.345 
1.357 
1.370 
1.383 
1.397 
1.410 
1.424 
1 438 
1.453 
1.468 
1.483 
1.498 
1.514 
1.530 
1.546 
1.563 
1.580 
1.597 
1.615 
1.634 


Per Cent 
KOH 


27.0 

28.2 

28.9 

29.8 

30.7 

31.8 

32.7 

33.7 

34.9 

35.9 

36.9 

37.8 

38.9 

39.9 

40.9 

42.1 
43.4 

44.6 

45.8 

47.1 

48.3 

49.4 

50.6 

51.9 

53.2 
,54.5 

55.9 

57.5 


Per Cent 
NaOH 


22.50 

23.50 
24.48 

25.50 

26.58 

27.65 
28.83 
30.00 
31.20 

32.50 

33.73 
35.00 
36.36 

37.65 
39.06 
40.47 
42.02 

43.58 
45.16 

47.73 
48.41 
50.10 
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DENSITY OF AMMONIA SOLUTIONS AT 15“ C. 
(According to Ltjnge and Wieknik)* 


Specific Gravity 

Per Cent NHg 

Specific Gravity 

Per Cent NH, 

1.000 

0.00 

0.940 

15.63 

0.998 

0.45 

0.938 

16.22 

0.996 

0.91 

0.936 

16.82 

0.994 

1.37 

0.934 

17.42 

0.992 

1.84 

0.932 

18.03 

0.990 

2.31 

0.930 

18.64 

0.988 

2.80 

0.928 

19.25 

0.986 

3.30 

0.926 

19.87 

0.984 

3.80 

0.924 

20.49 

0.982 

4.30 

0.922 

21.12 

0.980 

4.80 

0.920 

21.75 

0.978 

5.30 

0.918 

22.39 

0.976 

5.80 

0.916 

23.03 

0.974 

6.30 

0.914 

23.68 

0.972 

6.80 

0.912 

24.33 

0.970 

7.31 

0.910 

24.99 


7.82 

0.908 

25.65 


8.33 

0.906 

26.31 


8.84 

0.904 

26.98 


9.35 

0.902 

27.65 

0.960 

9.91 

0.900 

28.33 

0.958 

10.47 

0.898 

29.01 

0.956 

11.03 

0.896 

29.69 

0.954 

11.60 

0.894 

30.37 

0.952 

12.17 

0.892 

31.05 

0.950 

12.74 

0.890 

31.75 

0.948 

13.31 

0.888 

32.50 

0.946 

13.88 

0.886 

33.25 

0.944 

14.46 

0.884 

34.10 

0.942 

15.04 

0.882 

34.95 


Luuge-Berl. Chem. techn. Untersuchungsmethoden. 
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CHEMICAL FACTORS 


CHEMICAL FACTORS* 


Sought 

Found 

Factor 

Log 

Sought 

Found 

Factor 

Log 

Ag 

AgBr. 

AgCl. 

AgCN. 

AoT 

0.5744 

0.7526 

0.8058 

0.4595 

0.6350 

0.9310 

0.8706 

0.7731 

0.7125 

9.7593 

9.8766 

9.9062 

9.6622 

9.8028 

9.9689 

9.9398 

9.8882 

9.8528 

AsOs 

Mg2P207. 

(NH4MgAs04)2 
H 20 . 

1.104 

0.6460 

0.0430 

9.8103 

AgNOa. 

AgzO. 

Ag,S. 

AgaPO^. 

Ag4P207. 

AS 205 

A 82 S 3 . 

AsaSfi. 

2 I 2 . 

]VIg 2 A 8207 . 

Mg2P207. 

(NHJVIgAsO,), 
H,0. 

0.9341 

0.7410 

0.4529 

0.7403 

1.032 

0.6040 

9.9704 

1.8698 

9.6560 

1.8694 

0.0138 

9.7810 

AgaO 

AgCl. 

0.8084 

9.9076 


A1 

AI 2 O 3 . 

AIPO 4 . 

0.5291 

0.2210 

9.7236 

9.3446 

AS 04 

AS 2 S 8 . 

A 82 S 6 . 

I 2 . 

Mg2AS207. 

MgaPaO,. 

(NIl4MgA804)2. 
H 20 . 

1.129 

0.8957 

0.5473 

0.8949 

1.2477 

0.7301 

0.0528 

9.9522 

9.7383 

9.9518 

0.0962 

9.8634 

AUOs 

AIPO 4 . 

0.4178 

9.6210 


AIF 3 

CaFa. 

0.7170 

9.8555 

AlCI, 

AI 2 O 3 . 

2.616 

0.4177 

Au 

AuCla. 

HAUC 14 . 4 H 20 ... 

KAu(CN)4.H20. 

0.6496 

0.4785 

0.5500 

9.8126 

9.6799 

9.7403 

A1,(S04), 

AI 2 O 3 . 

3.356 

0.5257 

Al,(SO,),.18, 

H,0 

AI 2 O 3 . 

6.537 

0.8154 

B 

BaO,. 

KBF 4 . 

HaBOa. 

Na2B4O7.10H2C) . 

0.3107 

0.08593 

0.1750 

0.1135 

9.4924 

8.9342 

9.2430 

9.0549 

As 

AS 2 O 3 . 

AS 2 O 6 . .. 

ASaSti 

0.7575 

0,6521 

0.6091 

0.4832 

0.2953 

0.4827 

0.6731 

0.3939 

9.8794 

9.8143 

9.7847 

9.6841 

9.4703 

9.6837 

9.8281 

9.5953 

AS 2 S 6 . 

I 2 . 

Mg2A8207. 

B,0, 

KBF 4 . 

H 3 BO 3 . 

Na2B4O7.10H2O. 

■ 

9.4418 

9.7505 

9.5625 

2 V ./7 . 

(NH4MgAs04)2 
H 2 O. 

BO 2 

BO, 

B 4 O 7 

B 2 O 8 . 

B 2 O 3 . 

B 2 O 8 . 

1.229 

1.689 

1.115 

0.0898 

0.2277 

0.0472 

AS 208 

AajOq 

0.8609 

0.8041 

0.6378 

0.3900 

0.6372 

0.8887 

0.5199 

9.9349 

9.9053 

9.8047 

9.5909 

9.8043 

9.9487 

9.7160 

AsaSs. 

A 82 S 6 . 

21 , . 

Mg 2 AS 207 . 

Mg2P207. 

(NH4MgAs04)2 
H 20 . 

Ba 

BaCl2.2H20. 

BaCO,. 

BaCr04. 

BaS04. 

BaSiFfl. 

0.5621 

0.6961 

0.5422 

0.5885 

0.4916 

9.7498 

9.8426 

9.7341 

9.7697 

9.6916 

BaO 

BaCOi. 

BaCr04. 

BaS04. 

BaSiFft. 

0.7771 

0.6053 

0.6570 

0.5489 

9.8905 

9.7820 

9.8176 

9.7395 

AsOs 

i 

A 82 S 3 . 

A 82 S 6 . 

MgjAsaO,.( 


9.9996 

9,8991 

9,8987 


Tho ^ of the table will be iUustrated by two examples. (1) What wdght of silver corresponds to p grams 
of silver bromide? Look up Ag in the column "Sought” and AgBr in the column “Found." For computation 
iw column 3, p X 0.6744 « weight of Ag. With logarithms, log p -f 9.7692 « log weight d Ag. 
(2) What weight of silver bromide corresponds to g grams of silver? Use the same factor as before but divide by 
It or 9td)tract the logarithm. 

^rictly speaking, the logarithm in the above case is not 9.7692 but 9.7692 - 10 or T.7692, in which the ohamo- 
te^tio 18 a negative number and the mantissa a positive fraction. 

In ^mputing the weight of silver broihide instead of subtracting the logarithm 9.7592 it is more convenient to 
add the co-logarithm 0.2407 which is obtained quickly by subtracting each digit of 9.75^ from 9 except the last 

one which is subtracted from 10. It gives the logarithm of » 0.2408. 






































































CHEMICAL FACTORS 


321 


CHEMICAL FACTORS - Continued 


Bought 

Found 

Factor 

Log 

Sought 

Found 

Factor 

Log 

BaOa 

Ba. 

1.233 

0.0909 

CO 2 

MgCOa. 

0.5218 

9.7175 


BaCr 04 . 

0.()6a5 

9.8251 


Mg(HC03)2. 

0.6014 

9.7791 


BaS 04 ... 

0.725G 

9.8607 


.'. 

1.091 

0.a379 






MnPOo 

0 .3828 

9 5831 

BaCOs 

BaS04. 

0.8458 

9.9272 


Mn(HC03)2. 

0.4973 

9.6960 

BaCl2.2H20 

BaS04. 

1.047 

0.0198 


NasCOa...'. 

0.4161 

9.6182 

BaCr 04 

BaS 04 . 

1.085 

0.0356 


NaHCOs. 

0.5238 

9.7192 

BaFz 

BaSiFe. 

0.6276 

9.7977 


N a20. 

0.7098 

9.8512 

Ba(N03)2 

BaS 04 . 

1.120 

0.0491 


(NHOzCOa. 

0.4580 

9.6608 

Ba3(P()4)2 

BaS()4. 

0.8599 

9.9.345 


Pbco;.... 

0.1647 

9.2166 

BaS 

Ba80». 

0.7258 

9.8608 


RbaCOa. 

0.1907 

9.2801 






Rb(HC03). 

0.3005 

9.4778 

Be 

BeO . 

0.3f)05 

9.5569 


HrCO;,. 

0.2980 

9.4745 

BeO 

BcCla. 

0.8130 

9.4956 


Sr(HC03)2. 

0.4198 

9.6230 

BeO 

BeSOi.dllaO. . . . 

0.1412 

9.1500 


SrO. 

0.4251 

1.6285 






ZnPOn 

0.3509 

9.5452 

Bi 

Bi..Oo 

0 8970 

9 9528 



BiOCl. 

0.8024 

9.9044 

CO 3 

C()2. 

1.364 

0.1347 



n AS74 

Q 8*^79 






lilVSa. 

U*UOrf ^ 

0.8129 

cl #00 4 

9.9101 

Ca 

CaCl2. 

0.3612 

9.5577 


l3iAs()4. 

0.6006 

9.7786 


CaCOa. 

0.4005 

9.6025 






CaC2()4.Il20.. .. 

0.2743 

9.4383 

Bi 203 

Bi. 

1.115 

0.0472 


CaCaO.. 

0.3129 

9.4954 


BiOCl. 

0.8946 

9.9516 


CaF2. 

0.5133 

9.7103 


BiPOi. 

0.7663 

9.8844 


CaO. 

0.7146 

9.8541 


Bi2S3. 

0.9063 

0.9573 


Ca804. 

0.2944 

9.4689 


BiAs 04 . 

0.6096 

9.8258 


CO 2 . 

0.9109 

9.9595 



n S118 

0 ofKip; 






Bi(N03)3.5H20 

0.4803 

9.6815 

CaO 

CaCOa. 

0.5603 

9.7484 





1 

CaC 204 .H 20 .... 

0.3839 

9.5842 

Br 

Ag. 

0.7408 

9.8697 


CaC 204 . 

0.4378 

9.6413 


AgBr. 

0.4256 

9.6290 


CaFj. 

0.7182 

9.8563 


AgCl. 

0.5576 

9.7463 


Ca(HC03)2. 

0.3459 

9.5389 


HBr. 

0.9874 

9.9945 


Ca(H2P04)2.H20 

0.2204 

9.3471 






PnnPoO, 

0 2206 


BrOa 

Ag. 

1.186 

0.0740 


KyoizL 2'-'7. 

Ca(HS 03)2 . 

0.2773 

U*0*±0\j 

9.4430 


AgBr. 

0.6812 

9.8332 


Ca8(P04)2. 

0.5421 

9.7341 






PnSO, 

0 4667 

0 6601 

Br^Ofi 

Ag. 

1.111 

0.0459 


v^iir7V./s. 

CaS 04 . 

Vr.'rUU# 

0.4120 

57«UUi7l 

9.6149 

AgBr. 

0.6386 

9.8052 


CaS04.2H20.... 

0.3257 

9.5128 






POo 

1.274 

9.1053 

C 


0.2727 

9.4357 


V->v/2. 


BaCOa. 

o!o608 

8!7839 

Caa(P04)2 

Mg2p207. 

1.393 

0.1440 






RnSOx 

n 0 A 01 

Q 4001 

o 

p 

BaCOa. 

0.2229 

9.3482 

CaSOi 

IJCIOV ./4 .. 

BaS 04 . 

MCI 

to >- 

9.7658 

BaO. 

0.2869 

9.4577 

CaS 04 . 2 H 20 

CaO. 

3.071 

0.4872 


Ba(HC08)2. 

0.3395 

9.5309 

CaF2 

CaS04. 

0.5735 

mm 



0.4396 

9.6430 






V-/CIV/V /3 . 

Ca(HC03)2. 

o!5431 

9!7349 


Cb205. 

nIBI 

9.8451 


CnO 

0 7844 

9.8946 






\^IX\J . 

C 03 . 

V. 1 

0.7333 

9!8653 


CdO. 


9.9422 


CsaCOs.. 

0.1351 

9.1307 


CdS. 

lilrrSfia 



FeCOa. 

0.3801 

9.5799 




9.7317 


FeCHCOs)*. 

0.4948 

9.6944 






K 2 CO 8 . 

0.3184 

9.5029 

CdO 

CdS. 

0.8888 

9.9488 


KHCOs. 

0.4396 

9.6430 


Cd. 

1 142 

0.0578 


LisCOa. 

0.5956 

9.7749 


CdS 04 . 

mtlM 

9.7895 


LiHCOs. 

0.6476 

9.8113 
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CHEMICAL FACTORS - Continued 


Cd.1.2853 0.1090 Cr 

CdO. 1.1252 0.0512 

CdS04 . 0.6930 9.8407 

Ce(N03)4. 0.3610 9.5575 Cr^Oa 

Ce203. 0.8538 9.9313 

CeOa.0.8141 9.9107 

Co(S04)3. 0.4930 9.6929 - 

-Cr 

Cc02. 0.9536 9.9794 

Ag. 0.3287 9.5168 

AgCl . 0.2474 9.3934 

AgNO;,. 0.2087 9.3195 - 

HCl . 0.9724 9.9879 Cr04 

1. 0.2794 9.4462 

KCl . 0.4756 9.6772 

MnO^. 0.8158 9.9116 - 

NaCl. 0.6066 9.7829 Cs 

NH 4 CI. 0.6628 9.8214 

RbCl. 0.2933 9.4673 

AgCl. 0.5823 9.7651 

KCl . 1.119 0.0490 

NaCl. 1.428 0.1546 CS 2 O 

AgCl. 0.6939 0.8413 

KCl. 1.334 0.1251 

NaCl. 1.701 0.2308 



AgCN. 

0.1943 

9.2884 

Ag. 

0.2411 

9.3822 

KCN. 

0.3999 

9.6020 

NaCN. 

0.5313 

9,7253 

HCN. 

0.9627 

9.9835 

AgCNS. 

0.3500 

9.5440 

Cu 2 (CNS )2 . 

0.4774 

9.6789 

BaS 04 . 

0.2488 

9.3959 

KCNS. 

0.5974 

9.7765 

NH 4 CNS. 

0.7632 

9.8825 


Co(N03)2.6Il20 0.2026 9.3066 , 
K3 Co(N 02)6. ... 0.1304 9.1152 Er203 

CoO. 0.7866 9.8957 Er 

C 03 O 4 .0.7344 9.8659 * 

C 08 O 4 . 0.3804 9.5802 

C 0 SO 4 . 7 H 2 O.... 0.2097 9.3216 


Co. 1.2713 0.1043 

Co(NO.02.6H2O . 0.2575 9.4109 
K8Co(N02)6. ... 0.1657 9.2194 

C 03 O 4 .0.9336 9.9702 

C 0 SO 4 . 0.4836 9.6844 

C 0 SO 4 . 7 H 2 O.... 0.2667 9.4259 


BaCr04. 
Cr208-.. 


PbCr04 . 0.1609 9.2067 

KoCr^Or. 0.3535 9.5484 

K2Cr04. 0.2678 9.4278 

RaCr04 . 0.3000 9.4771 

PbCr 04 . 0.2352 9.3715 

CrOa. 0.7602 9.8809 

BaCr04. 0.3947 9.5963 

Cr.Oz . 1.3158 0.1192 

PbCr04. 0.3095 9.4907 

K.,Cr04 . 0.5150 9.7118 

K.CW);. 0.6800 9.8325 

BaCr ()4 . 0.4578 9.6607 

CraOs. 1.5263 0.1837 

PbCr04 . 0.3589 9.5550 

CsCl. 0.7893 9.8973 

C 820 . 0.9432 9.9746 

CS 2 CO 3 . 0.8157 9.9116 

C 82 SO 4 . 0.7340 9.8654 

CszPtClfl. 0.3945 9.5960 

CsCl. 0.8370 0.9227 

C 82 CO 3 . 0.8650 9.9370 

C 82 SO 4 . 0.7786 9.8913 

CssPtCU. 0.4182 9.6214 

CU 2 O. 0.8882 9.948,5 

CuO. 0.7989 9.9025 

CU 2 S. 0.7986 9.9023 

Cu 2 (CNS )2 . 0.5226 9.7181 

CuSO. 0.3982 9.6001 

CUSO 4 . 5 H 2 O.... 0.2546 9.4058 

Cu. 1.252 0.0975 

CU 2 O. 1.113 0.0463 

CuaS. 0.9996 9.9998 

Cu 2 (CNS )2 . 0.6541 9.8156 

CUSO 4 . 0.4985 9.6976 

CUSO 4 . 5 H 2 O.... 0.3186 9.5032 


1.145 0.0589 
0.8732 9.9411 



0.4080 9.6107 
0.4866 9.6872 
0.2791 9.4457 
0.9496 9.9776 




0.5176 9.714 




FejO,.0.6994 9.8447 

FeClj. 0.4405 9.6440 

FeCl,.6H,0.0.2066 9.3162 
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CHEMICAL FACTORS — Continued 


Found Factor Ix>g 

Fe(HCOa )2 . 0.3140 9.4969 

FeO. 0.7773 9.8900 

Fes04 . 0.7230 9.8595 

FeP04. 0.3701 9.5083 

FeS. 0.0352 9.8029 

FeS04 . 0.3070 9.5054 

B'eS04.7H20.,.. 0.2009 9.3029 

FeS04(Nn4}2 

SO 4 .OH 20 . 0.1424 9.1530 

Fe.1.287 0.1094 

FeCOa. 0.0202 9.7925 

FeCHCO;,)^. 0.4039 9.0003 

FeaOa. 0.8998 9.9542 

FeP04. 0.4701 9.0777 

FeS. 0.8172 9.9123 

FeS04 . 0.4729 9.0747 

FeS04.7n20.... 0.2581 9.4123 

FoS04(NH4)2 

S04.0H,0. 0.1832 9.2030 


Fe.1.430 

FeCl.3. 0.4922 

FeCOa.0.0892 

Fe304. 1.035 

FeP ()4 . 0.5292 

FeS. 0.9082 

FeS2.0.00,55 

Fe2(S04)3. 0.3993 

(NH4)2S04.Fe2 

(S04)8.24H20.0.1650 


BaS04. 0.2570 

H 2 O.0.1119 


9.2190 HaPtCle 

- 6 H 2 O 

9.4099 - 

- H 2 S 

9.0488 


1.770 0.2495 


Ag.0.7505 9.8754 HaSeOs 

AgBr. 0.4309 9.0344 - 

-H2SiF6 

Ag. 0.3380 9.5290 

AgCl. 0.2544 9.4056 

CaCOs. 0.7288 9.8626 

KCl. 0.4891 9.6894 

K 2 O.0.7743 9.8889 

NaCl. 0.6239 9.7951 

NaaO. 1.176 0.0705 - 

NH 4 CI. 0.6817 9.8335 H 2 SO 4 

SnCU. 0.5600 9.7480 

NaaCOs 0.6881 9.8377 

methyl orange 

Na2C204 

standardization 0.5442 9.7358 



F. 1.053 0.0224 

K 2 SiF 6 . 0.5449 9.7363 

Ag. 1.186 0.0742 

Agl. 0.5448 9.7362 

Pd. 2.398 0.3799 

Pdia. 0.7097 9.8510 

AgNOs. 0.,3055 9.4850 

NO. 1.567 0.1950 

KNO 3 . 0.6233 9.7947 

N. 4.498 0.6530 

NaNOs. 0.7413 9.8700 

NHa. 3.701 0.5683 

NII 4 CI. 1.178 0.0711 

(NH 4 ) 2 ptClc. ... 0.2838 9.4530 

NO. 2.100 0.3222 

N.Oa. 1.658 0.2196 

N 2 O 4 . 1.370 0.1367 

N20i,. 1.167 0.0671 

C 20 H 1 CN 4 HNO 3 .. 0.1680 9.2252 

Pt . 0.6457 9.8100 

HPO,. 1.225 0.0881 

H 4 P 2 O 7 . 1.101 0.0457 

MgaPaO:. 0.8806 9.9448 

P. 3.159 0.4995 

P 2 O 6 . 1.380 0.1399 


BaS04 . 0.1460 9.1644 

CdS. 0.2360 9.3729 

FeS. 0.3877 9.5885 

S. 1.063 0.0265 

Se. 1.632 0.2126 


BaSiFs. 0.5157 9.7124 

SCaFa. 0.6149 9.7888 

F. 1.264 0.1018 

2HF. 3.601 0.5564 

6 HF. 1.200 0.0792 

KaSiFe. 0.6541 9.8157 


Al2(S04)5. 0.8594 9.9342 

Ba(OH )2 . 0.5719 9.7574 

BaS04 . 0.4200 9.6232 

K2Al2(vS04)4. 

24 H 20 . 0.4132 9.6162 

K*0.1.041 0.0174 

KOH.0.8736 9.9413 

K 2 SO 4 . 0.5625 9.7501 

NaaCOs.0.9252 9,9662 

NaaC^Oi.0.7318 9.8642 
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CHEMICAL FACTORS — Continued 


Sought 

Found 

Factor 

Log 

Sought 

Found 

Factor 

Log 

H 2 SO 4 

(NH4)2S04. 

0.7418 

9.8703 

KClOg 

AgCl. 

KCl . 

0.8550 

1.6438 

9.9320 

0.2158 

Hg 

HgjCij. 

HgCU. 

H^rO. 

HgS. 

0.8498 

0.7388 

0.9261 

0.8620 

9.9293 

9.8686 

9.9666 

9.9355 

KCIO 4 

AgCl. 

KCl. 

0.9667 

1.858 

9.9853 

0.2691 

KCN 

AgCN. 

AgNOs (Liel)ig 

method). 

AgCl. 

0.4863 

0.7665 

0.4542 

9.6869 

9.8845 

9.6573 

IICNS 

AgCNS. 

Cii.(CNS)j. 

BaS04. 

0.3560 
0.4857 
0.253 i 

9.,5515 

9.68(H 

9.4033 

Hg 2 Cl 2 

SnCL. 

2.486 

0.3956 

K2S()4 

K. 

KCl. 

K 2 O . 

K^PtCh-.. 

SO 3 . 

BaS()4. 

2.229 

1.169 

1.850 

0.3585 

2.177 

0.7465 

0.3481 

0.0679 

0.2672 

9.5545 

0.3379 

9.8731 

HgCU 

HgsCl.,. 

HgS. 

1.150 

1.167 

0.0607 
0.0671 i 

HgO 

HfeCIs. 

0.9176 

9.9627 

HgS 

Hg(CN),. 

HgNOs. 

Hg(N().). .... 

HgaO . 

HgO. 

HrSOa. 

0.9210 

0.8860 

0.7167 

1.115 

1.074 

0.78*13 

9.9643 

9.9474 

9.8554 

0.0474 

0.0311 

9.8945 

La 

La*/ )s. 

0.8527 

9.9308 

Li 

LiCI. 

Lid). 

LigP()4. 

Li 2804 . 

0.1637 
0.4643 
0.1797 ! 
0.1262 

9.2140 

9.6669 

9.2545 

9.1012 

I 

Ag. 

Agl. 

KI. 

Pd. 

Pdl 2 . 

NajSjOj.SHjO. . 
AgCl. 

1.177 

0.5400 

0.7645 

2.379 

0.7041 

0.5113 

0.88,55 

0.0706 

9.7328 

9.8834 

0.3764 

9.8476 

9.7087 

9.9472 

Li-iO 

LiCl. 

Li2S04 . 

LLPO 4 . 

0.3524 

0.2718 

0.3870 

9.5470 

9.4342 

9.5877 

Mg 

MgO. 

MgS 04 . 

Mg2P207. 

MgS04. 

MgNH4P()4.H20 

MgNI-LPOA. 
GH 2 O. 

0.6032 i 
0.2020 1 
0.2184 1 
0.2020 
0.1565 

0.0991 

9.7804 

9.3054 

9.3392 

9.3054 

9.1946 

8.9961 

In 

In 203 . 

In 2 Sg. 

0.8271 

0.7047 

9.9176 

9.8480 

Ir 

Ir203. 

0.8894 

9.9491 

MgO 

MgS04. 

Mg2P207 . 

MgCOa. 

MgNH 4 P 04 .H 20 

MgNH4P04. 

6 H 2 O. 

0.3349 

0.3621 

0.4782 

0.2595 

0.1643 

9.5249 

9.5588 

9.6796 

9.4141 

9.2156 

K 

KCl. 

K 2 O. 

K 2 SO 4 . 

KCIO 4 . 

KsPtCL. 

Pt. 

0.5244 

0.8300 

0.4487 

0.2822 

0.1G09 

0.4006 

9.7197 

9.9191 

9.6520 

9.4505 

9.2064 

9.6027 

Mn 

MnCOg. 

MnO. 

Mn 208 . 

Mn804. 

MnS04. 

Mn2P207. 

MnS. 

0.4779 

0.7744 

0.6959 

0.7203 

0.3638 

0.3869 

0.6314 

9.6793 

9.8889 

9.8426 

9.8575 

9.5608 

9.5876 

9.8003 

KCl 

Ag. 

AgCl. 

K 2 SO 4 . 

KCIO 4 . 

KaPtCU. 

Pt. 

0.6911 

0.5202 

0.8557 

0.5381 

0.3067 

0.7638 

9.8396 

9.7162 

9.9323 

9.7309 

9.4868 

9.8830 

KjO 

KCl. 

K 2 SO 4 . 

KCIO 4 . 

KjPtCle. 

Pt. 

0.6317 

0.5405 

0.3399 

0.1938 

0.4826 

9.8005 

9.7328 

9.5314 

9.2873 

9.6836 

MnO 

MnCOs. 

Mn304. 

MnS04. 

MnS. 

Mn2P207. 

0.6172 

0.9301 

0.4697 

0.8163 

0.4998 

9.7904 

9.9686 

9.6719 

9.9113 

9.6988 
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CHEMICAL FACTORS — Continued 


Sought 

Found 

Factor 

fx)g 

Sought 

Found 

Factor 

Log 

Mo 

MoO.,. 

MoS;i . 

M 0 S 2 . 

PbMo()4 , ... 

O.G(>67 

0.4995 

0.5990 

0.2015 

9.8239 

9.6985 

9.7779 

9.4174 

NaHC()« 

KHC4H4()r. 

0.4465 

9.6498 

Na-.() 

NaCl. 

Na 2 S 04 . 

Na2C()3. 

NaHCX)^ ... 

Na2HP()4 . .. 

Nall2P04 .... 

Nn2H2p2C7 ... 

NaliSOa... 

NaN03. 

NaOH. 

N a2S()4 

0.5303 

0.4364 

0.5849 

0.3690 

0.4365 

0.2582 

0.2792 

0.2979 

0.3647 

0.7748 

0.4364 

9.7245 

9.6399 
9.7671 
9.5670 

9.6400 
9.4119 
0.4459 
9.4741 
9.5619 
9.8891 
9.6399 

M 0 O 3 

M 0 S 3 . . . 

(NH4)2Mo 04 . . 
(NH4);iP04. 

12 M 003 . 

PhMo ()4 . 

0.7492 

0.7344 

0.9205 

0.3923 

9.8746 

9.8659 

9.9640 

9.5936 

N 

HN ()3 . 

NO 2 . 

N 2 O,. 

N 2 O 4 . 

N 2 O 5 . 

NaNOj. 

NHa. 

Pt. 

NII 4 CI . 

0.2223 

0.3045 

0.3086 

0.3045 

0.2594 

0.164.8 

0.8225 

0.1435 

0.2619 

9.3470 

9.4835 

9.5665 

9.4835 

9.4140 

9.2169 

9.9151 

9.1570 

9.4181 

Na2S().3 

BaS04. . . . 

0.5401 

9.7325 

N a 2 S 2 ( >3 

BaS()4 . . . 

Na.2S2()3.5Tl20 

0.3387 

0.6371 

9.5298 

9.8042 

N a^Sl )4 

BaS04 .... 

0.6086 

9.7843 

Na 

NiiC! . 

NaoSOi. 

NaBr. 

NaaCO^. 

NaF. 

NallCOa. 

Nal. 

Wa./) . 

NaOH. 

Na2S()4. 

0.3934 

0.3238 

0.2235 

0.4340 

0.5476 

0.2738 

0.1534 

0.7419 

0.5750 

0.3238 

9.5949 

9.5103 

9.3493 

9.6375 

9.7385 

9.4374 

9.1858 

9.8704 

9.7597 

9.5103 

Nd 

Nd 20 :j. . 

0.8572 

9.9,332 

NII 3 

HN()3 . 

H 2 SO 4 .. . 

N. 

NaNOs. 

NaN03. .. . 
NH 4 CI .. . 

(NH4)2HP04 .. 
(Nll4)ll2P04 .. 
(N 114)011 .. . 

(NH 4 ) 2 Pt(n,.. 

(Nn4)2S04 ... 

N 20 ,. 

Pt. 

0.2704 

0.3473 

1.216 

0.2468 

0.2005 

0.3184 

0.2578 

0.1480 

0.4860 

0.07670 

0.2578 

0.3153 

0.1745 

9.4320 

9.5407 

0.0849 

9.3923 

9.3021 

9.5029 

9.4113 

9.1703 

9.6866 

8.8848 

9.4113 

9.4987 

9.2418 

Na2B407 

H 2 O,. 

Ihhih . 

1.443 

0.8142 

0.1593 

9.9107 

Na 2 B 4 O 7.10 

II 2 O 

B 2 O 3 . 

H3BO3. 

KBF. 

2.738 

1.540 

0.7577 

0.4375 

0.1872 

9.8795 

NII 4 

NII 3 . 

NH 4 C 1 . 

(NH4)2PtCU. ... 

Pt. 

1.059 

0.3372 

0.08125 

0.18^48 

0.0250 

9.5279 

8.9099 

9.2668 

NaBr 

Ag. 

AgBr. 

0.9539 

0.5480 

9.9795 

9.7388 

NII 4 CI 

AkCI. 

NIL. 

(NH 4 )JXClf.. .., 
Pt. 

0.3732 

3.141 

0.2410 

0.5482 

9.5719 

0.4971 

1.3820 

9.7389 

NaCl 

Ag. 

AftCl. 

AgNO.,. 

Na 20 . 

0.5418 

0.4078 

0.34*4.1 

1.886 

9.7338 

9.6105 

9.5367 

0.2756 

(NH4)2S04 

BaS04. 

0.5661 

9.7529 

NaF 

CaFs. 

1.076 

0.0317 

Ni 

NiO. 

NiCsHl4N404. ... 

NiS04. 

Ni(N 03 ) 2 . 6 Il 20 . 
Ni2S04.7H20.... 

0.7858 

0.2032 

0.3792 

0.2018 

0.2089 

9.8953 

9.3079 

9.5788 

0..3049 

9.3200 

N a 2 H AsOs 

Mg2As207. 

I. 

1.095 

0.6697 

0.0395 

9.8259 

Na2HAs04 

Mg2AS207. 

I. 

1.198 

0.7328 

0.0785 

9.8650 

NO 3 

NO. 

NHa. 

2.066 

3.640 

0.3152 

0.5612 

NaHCOa 

C 02 

1,909 

0.2808 
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CHEMICAL FACTORS 


CHEMICAL FACTORS — Continued 


Sought 

Found 

Factor 

Log 

PbS 

PbO . 

1.072 

0.0302 


Ba,S04. 

1.025 

0.0109 

Pl>S04 

IbiSOi .... 

1.299 

0.1137 


Pb(C,ll3(L).. 
3H..() .... 

0.7995 

9.9028 


(PbCO;,),. 
Pl)(011)2. 

1.173 

0.0693 

Rb 

Af^Cl . 

0..'')9f.l 

9.7753 


Cl . 

2.410 

0.3820 


RbCl . 

0.7007 

9.8492 


Rb,CO,. 

0.7102 

9.8693 


RboO. 

0.9144 

9.9611 


RboSO, .... 

0.0403 

9.8064 


Rb.PtC!,. 

0.2952 

9.4701 

Rl),0 

RbCl . . . 

0.7729 

9.8881 


RbiiSO,. 

0.7001 

9.8452 

RbCl 

RbsPtCb,.. 

0.417cS 

9.6209 

S 

BaSO, .... 

0.1374 

9.1379 


H,S .. 

0.9108 

9.9735 


II 2 SO 4 . . . 

0.3270 

9.5145 


FeS. 

0.3(B8 

9.5621 


F 6 S 2 . 

0.5340 

9.7280 


Na-iS. 

0.4108 

9.6136 

so, 

BaS04. 

0.2745 

9 , 43 s-) 


S. 

1.99S 

0.3007 

SOs 

BaS()4 . . 

0.3430 

9.5353 


CaS 04 . 

0.5881 

9.7695 


II 2 SO 4 . 

0.8103 

9.9119 


KiSO., . 

0.4595 

9.6623 


NaaSO-t. 

0.5035 

9.7510 

S 04 

BaS 04 . 

0.4115 

9.6144 

Sb 

KSI)0C4H406. 

a^.,o. 

0.3048 

9.5620 


SbCL. 

0.5339 

9.7275 


Sb20.'3. 

0.8350 

9.9220 


Sb205. 

0.7528 

9.8767 


Sb204. 

0.7921 i 

9.8988 


Sb^Ss. 

0.7169 i 

9.8555 


Sb'jSs. 

0.6030 

9.7803 

SbjO, 

81)204 . 

0.9479 

9.9768 

9.9335 

Sb,S,. 

0.8580 


Sb2S5. 

0.7218 

9.8584 

Se02 

Se. 

1.405 

0.1474 

SeOa 

Se. 

1.606 

i 

0.2058 

Si 

Si02. 

0.4672 

9.6695 


SiOa. 

0.3689 

9.5669 


Sought 

Found 

Factor 

Log 

NO.a 

NH 4 CI . 

1.159 

0.0641 


(NH4)2PtClb. ... 

0.2793 

9.4461 


Pt. 

0.6354 

9.8030 


C2oIIi7N&03. 

0.1653 

9.2182 

N-A 

NO. 

1.800 

0.2552 


NIL. 

3.171 

0.5012 


NH 4 CI. 

1.010 

0.0041 


(NH 4 ) 2 PlClb. ,. 

0.2433 

9.3861 


Pt. 

0.5534 

9.7430 


C 20 H 17 NA. 

0.1440 

9.1582 

NO. 

NO. 

1.533 

0.1856 

N 20 a 

NO. 

1.267 

0.1026 

Os 

OSO 4 . 

0.7489 

9.8744 

P 

MK 2 P 2 O 7 . 

0.2787 

9.4452 


P..Or..24M()Oa. .. 

(NH4).3P0,. 

0.0173 

8.2368 


I 2 M 0 O:,. 

0.0165 

8.2184 


PaOs. 

0.4369 

9.6404 


MgNH4P04.ir.0 

MgNH4P04. 

0.1996 

9.3003 


OHsO. 

0.1262 

9.1018 

PO 4 

Mjr2P,07. 

0.8.535 

9 . 9:112 


P 2 O 5 . 24 M 0 O 3 ... 

(NH4):3P04. 

0.05283 

8.7229 


12MoO;,. 

i 

0 

0 

8.7044 

P20b 

Mf<2P‘207. 

0.6379 

9.S048 


P20r..24Mo03 .. 
(NH4).3P04. 

0.03947 

8.5963 


I 2 M 0 O 3 . 

0.03785 

8.5780 


MgNH4P04.H20 

MKNH 4 PO 4 . 

0.4571 

9.6600 


6 H 2 O.! 

0.2894 

9.4615 

Pb 

P!)0. 

0.9283 

9.9677 


PbO.. 

0.8662 

9.9376 


PbS. 

0.8659 

9.9375 


PbS 04 . 

0.6831 

9.8345 


PhCr04. 

0.6410 

9.8068 


PbCL. 

0.7419 

9.8721 


PbMo04. 

0.5642 

9.7515 

PbO 

PbOs. 

0.9331 

9.9699 


PbS. 

0.9328 

9.9698 


PbS04. 

0.7359 

9.8668 


PbCr04. 

0,6905 

9.8392 


PbCL. 

0.8025 

9.9044 


PbCOa. 

0.8353 

9.9219 


Pb(N03)2. 

0.6738 

9.8285 

PbS 

PbS04. 

0.7889 

9.8970 


Pb. 

1.155 

0.0626 
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CHEMICAL FACTORS — Concluded 


Sought 

Found 

Factor 

Fog 

8i 

Si04. 

0.3048 

9.4840 

Si();i 

SiO^ . 

1.200 

0.1025 

Si()4 

SiOo. 

1.532 

0.1854 

Sn 

SnOa. 

0.7877 

9.8903 


SnO. 

0.8812 

9.9451 


SnCl2. 

0.0201 

9.7907 


SnClo.2ll.>() ... 

0.5200 

9.7210 

Sr 

SrO. 

0.8150 

9.9272 


SrOOa. 

0.5930 

9.7735 


SrS()4. 

0.4770 

9.(178.") 


Sr(N():i)2. 

0.4140 

9.0170 

SrO 

SrCO,. 

0.7020 

9.8403 


SrSOi. 

0.50'41 

9.7514 


Sr(NO ,)2 . 

0.4890 

9.0899 

Th 

iTaC],. 

0.5057 

9.7039 


Ta.Ofi. 

0.8191 

9.9135 

'I’e 

nxL. 

0.7091 

9.9027 


TcO,. 

0.7205 

9.8012 

'I'h 

Thi)2 . . 

0.8788 

9.9439 


T1i(N().04.0H,.O. 

0.3947 

9.5902 


ThCl.,. 

0.0207 

9.7929 

ThO,. 

Th(NO,04.0H2() 

0.44<K) 

9.0523 

Ti 

TiOo. 

0.5990 

9.7778 

T1 

TlCl. 

0.8522 j 

9.9305 


Sought 

Found 

Factor 

Log 

Tl 

TI 2 CO,. 

0.8720 

9.9405 


Til . 

0.6109 

9.7902 


TINO 3 . 

0.7072 

9.8849 


TI 2 O . 

0.9023 

9.9833 


TlaCrOi .. . 

0.7789 

9.8915 


IlsSO.,. 

0.8097 

9.9083 


T1HS()4 

0.6780 

9.8312 

Tl.O 

Tl.PtClf, 

0.5200 

9.7101 

U 

IM)h. 

0.8^480 

9.9283 


UO 2 . . . . 

0.8815 

9.9452 


(U()2)-.P207. 

0.0007 

9.8240 

V 

V 2 O, . 

0.5002 

9.7483 


V 2 O 4 . 

0.0142 

9.7883 

W 

WO, . 

0.7931 

9.8993 


Pl)WO,. 

0.4435 

9.6469 

Yt 

Yt/),. 

0.7875 

9.8962 

Yl) 

YboO, . . 

0.8785 

9.9437 

Zn 

ZnO. 

0.8034 

9.9049 


ZriNH,4P04 .... 

0.3003 

9.5639 


Zn2P207. 

0.4290 

9.0324 


ZnS. 

0.0710 

9.8267 

ZnO 

ZnS . 

0.8352 

9.9218 


ZiiNH^POt. 

0.4501 

9.0590 


Znjt/),. 

0.5340 

9.7275 

Zr 

Zr02. 

0.7403 

9.8694 
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LOGARITHMS 


10 0000 0013 0086 0128 0170 0212 0253 0294 

11 0414 0453 0492 0531 0569 0607 0645 0682 

12 0792 0828 0864 0899 0934 0969 1004 1038 

13 1139 1173 1206 1239 1271 1303 1335 1367 

14 1461 1492 1523 1553 1584 1614 1044 1673 

15 1761 1790 1818 1847 1875 1903 1931 1959 

16 2041 2068 2095 2122 2148 2175 2201 2227 

17 2304 2330 2355 2380 2405 2430 2455 2480 

18 2553 2577 2601 2625 2648 2672 2695 2718 

19 2788 2810 2833 2856 2878 2900 2923 2945 

20 3010 3632 3054 3075 3096 3118 3139 3160 

21 3222 3243 3263 3284 3304 3324 3345 3365 

22 3424 3444 3464 3483 3502 3522 3541 3560 

23 3617 3636 3655 3674 3692 3711 3729 3747 

24 3802 3820 3838 3856 3874 3892 3909 3927 

25 3979 3997 4014 4631 4048 4065 4082 4099 

26 4150 4166 4183 4200 4216 4232 4249 4265 

27 4314 4330 4346 4362 4378 4393 4409 4425 

28 4472 4487 4502 4518 4533 4548 4564 4579 

29 4624 4639 4654 4669 4683 4698 4713 4728 

30 4771 4786 4800 4814 4829 4843 4857 4871 

31 4914 4928 4942 4955 4969 4983 4997 5011 

32 5051 6065 5079 5092 5105 5119 5132 5145 

33 5185 5198 5211 6224 5237 5250 5263 5276 

34 5315 5328 5340 5353 5366 5378 5;!91 5461 

35 5441 6453 5465 5478 5490 5502 5)514 5527 

36 5563 5575 5587 5599 5611 5623 5635 5647 

37 5682 5694 5705 5717 5729 5740 5752 5763 

38 5798 5809 5821 5832 5843 5865 5866 5877 

39 5911 5922 5933 6944 595.5 5966 5977 5988 

40 6021 6031 6042 6053 6064 6075 60a5 6096 

41 6128 6138 6149 6160 6170 6180 6191 6201 

42 6232 6243 6253 6263 6274 6284 6294 6304 

43 6335 6345 6355 6365 6375 63.85 6395 6405 

44 6435 6444 6454 6464 6474 6484 6493 0503 

45 6532 6542 6551 6561 6571 6580 6590 6599 

46 6628 6637 6646 6656 6665 6675 6684 6693 

47 6721 6730 6739 6749 6758 6767 6776 6785 

48 6812 6821 6830 6839 6848 6857 6866 6875 

49 6902 6911 6920 6928 6937 6946 '6955 6964 

50 6990 6998 7007 7016 7024 7033 7042 7050 

51 7076 7084 7093 7101 7110 7118 7126 7135 

52 7160 7168 7177 7185 7193 7202 7210 7218 

53 7243 7251 7259 7267 7275 7284 7292 7300 

54 7324 7332 7340 7348 7356 7364 7372 7380 


Pbopobhonai Pabts 

8 9 - 

iNlsUlsIelTlsId 


0334 0374 4 8 
0719 0755 4 8 
1072 1 10() 3 7 
1399 1430 3 6 
1703 1732 3 6 

1987 2014 3 6 
2253 2279 3 5 
2504 2529 2 5 
2742 2705 2 5 
2967 2989 2 4 

3181 3201 2 4 
3385 3404 2 4 
3579 3598 2 4 
3700 3784 2 4 
3945 3902 2 4 

4110 4133 2 3 
4281 4298 2 3 
4440 4456 2 3 
4594 4009 2 3 
4742 4757 i 3 

4886 4900 l 3 
5024 5038 1 3 
5159 5172 1 3 
5289 5302 ] 3 
5410 5428 1 3 

5539 5551 i 2 
5058 5070 1 2 
5775 5786 i 2 
5888 5899 1 2 
5999 0010 1 2 

6107 6117 1 2 
6212 0222 1 2 
0;il4 6325 1 2 
6415 0425 1 2 
6513 6522 i 2 

6009 6618 1 2 
6702 6712 1 2 
6794 6803 i 2 
6884 6893 l 2 
697216981 i 2 

7059 7067 i 2 
7143 7152 1 2 
7226 7235 i 2 
7308 7316 1 2 
7388 7396 i 2 


12 17 21 25 2') 33 37 

11 15 19 23 20 30 34 

10 14 17 21 24 28 31 

10 13 16 19 23 20 29 

9 12 15 IS 21 24 27 

8 11 14 17 20 22 25 

8 11 13 16 18 21 24 

7 10 12 15 17 20 22 

7 9 12 14 10 19 21 

7 9 11 13 10 IS 20 

6 8 11 13 16 17 19 

6 8 10 12 14 10 18 

6 8 10 12 14 ir 17 

6 7 9 11 13 1. 17 

5 7 0 11 12 14 16 

6 7 9 10 12 14 15 

5 7 8 10 11 13 15 

5 6 S 9 J1 13 14 

5 0 8 9 11 12 14 

4 0 7 9 10 12 18 

4 0 7 9 10 11 13 

4 0 7 8 10 11 12 

4 5 7 8 9 11 12 

4 5 0 8 9 10 12 

4 5 6 8 9 10 11 

4 5 0 7 9 J( 11 

4 5 6 7 8 10 11 

3 5 6 7 8 9 10 

3 5 0 7 8 9 10 

3 4 5 7 8 9 10 

3 4 5 6 8 9 10 

3 4 5 6 7 8 9 

3 4 5 6 7 8 9 

3 4 5 6 7 8 9 

3 4 5 6 7 8 9 

3 4 6 6 7 8 9 

3 4 5 6 7 7 8 

3 4 5 5 6 7 8 

3 4 4 5 6 7 8 

3 4 4 5 6 7 8 

3 3 4 6 6 7 8 

3 3 4 5 6 7 8 

2 3 4 6 6 7 7 

2 3 4 5 6 6 7 

2 3 4 5 6 6 7 
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Natural 

Numbera 

0 

1 

2 

3 

4 

5 

6 

7 

8 

9 

Proportional Parts 

1 

2 

3 

4 

5 

6 

7 

8 

9 

55 

7404 

7412 

7419 

7427 

7435 

7443 

7451 

7459 

7466 

7474 

1 

2 

2 

3 

4 

5 

5 

n 

7 

66 

7482 

7490 

7497 

7505 

7513 

7520 

7528 

7536 

7543 

7551 

1 

2 

2 

3 

4 

5 

5 

c 

7 

57 

7559 

7566 

7574 

7582 

7581) 

7597 

7604 

7612 

7619 

7627 

1 

2 

2 

3 

4 

5 

5 

0 

7 

58 

7634 

7642 

7649 

7657 

7661 

7672 

7679 

7686 

7694 

7701 

1 

1 

2 

3 

4 

4 

5 

r> 

7 

59 

7709 

7716 

7723 

7731 

773S 

7745 

7752 

7760 

7767 

7774 

1 

1 

2 

3 

4 

4 

5 

c 

7 

60 

7782 

7780 

7706 

7803 

7810 

7818 

7825 

7832 

7839 

7846 

1 

1 

2 

3 

4 

4 

5 

a 

6 

61 

7853 

7.SC0 

7868 

7875 

78X2 

7889 

7896 

7903 

7910 

7917 

1 

1 

2 

3 

4 

4 

5 

6 

6 

62 

7924 

7931 

7038 

7945 

7952 

7959 

7966 

7973 

7980 

7987 

1 

1 

2 

3 

3 

4 

5 

6 

8 

65 

7993 

8000 

8007 

8014 

8021 

8028 

8035 

8041 

8048 

8055 

1 

1 

2 

3 

3 

4 

5 

5 

6 

64 

8062 

8069 

8075 

8082 

8089 

8096 

8102 

8109 

8116 

8122 

1 

1 

2 

3 

3 

4 

5 

5 

6 

65 

8129 

8136 

8142 

8149 

8156 

8162 

8169 

8176 

8182 

8180 

1 

1 

2 

3 

3 

4 

5 

5 

« 

66 

8195 

8202 

8200 

8215 

8222 

8228 

8235 

8241 

H24S 

8254 

1 

1 

2 

3 

3 

4 

5 

5 

6 

67 

8261 

8267 

8274 

8280 

8287 

8293 

8299 

8306 

8312 

8319 

1 

1 

2 

3 

3 

4 

5 

5 

6 

68 

8325 

8331 

8338 

8344 

8351 

8:^57 

8363 

8370 

8376 

8382 

1 

1 

2 

3 

3 

4 

4 

5 

6 

69 

8388 

8395 

8401 

8407 

8411 

8420 

8426 

8432 

8439 

8445 

1 

1 

2 

2 

3 

4 

4 

5 

8 

70 

8451 

8457 

8463 

8470 

8476 

8482 

8488 

8494 

8500 

8506 

1 

1 

2 

2 

3 

4 

4 

5 

8 

71 

8513 

8519 

8525 

8531 

8537 

8543 

8549 

8555 

8561 

8567 

1 

1 

2 

2 

3 

4 

4 

5 

5 

72 

8573 

8,579 

8585 

8591 

8597 

8603 

8609 

8615 

8621 

8627 

1 

1 

2 

2 

3 

4 

4 

5 

5 

73 

8633 

8639 

8645 

8651 

8657 

8663 

8660 

8675 

8681 

8686 

1 

1 

2 

2 

3 

4 

4 

5 

5 

74 

8692 

8698 

8704 

8710 

8716 

8722 

8727 

8733 

8739 

8745 

1 

1 

2 

2 

3 

4 

4 

5 

5 

75 

8751 

8756 

8762 

8768 

8774 

8779 

8785 

8701 

8797 

8802 

1 

1 

2 

2 

3 

3 

4 

5 

5 

76 

8808 

8814 

8820 

8825 

8831 

8817 

8812 

8S1S 

8854 

8859 

1 

1 

2 

2 

3 

3 

4 

3 

5 

77 

8865 

8871 

8876 

8882 

8887 

8893 

8899 

8904 

8910 

891 : 

1 

1 

2 

2 

3 

3 

4 

4 

5 

78 

8921 

8927 

8932 

8938 

8943 

8949 

8054 

8960 

8905 

8971 

1 

1 

2 

0 

3 

3 

4 

4 

5 

79 

8976 

8982 

8987 

8993 

8998 

9004 

9009 

9015 

9020 

9026 

J 

1 

2 

2 

3 

3 

4 

4 

5 

80 

9031 

9036 

9042 

9047 

9053 

9058 

9063 

9069 

9074 

9079 

1 

1 

2 

2 

3 

3 

4 

4 

5 

81 

9085 

9090: 

9096 

9101 

9106 

9112 

9117 

9122 

9128 

9133 

I 

1 

2 

2 

3 

1 ^ 

4 

4 

5 

82 

9138 

9143 

9149 

915^1 

9159 

9165 

9170 

9175 

918()| 

9186 

1 

1 

2 

2 

3 

' 3 

4 

4 

5 

83 

9191 

9196 

9201 

9206 

9212 

9217 

9222 

9227 

9232 

9238 

1 

1 

2 

2 

3 

3 

4 

4 

5 

84 

9243 

9248 

9253 

9258 

9263 

9269 

9274 

9279 

9284 

9289 

1 

1 

2 

2 

3 

3 

4 

4 

5 

85 

9294 

9299 

9304 

9309 

9315 

9320 

9325 

9330 

9335 

9340 

1 

1 

2 

2 

3 

3 

4 

i 

4 

5 

86 

9345 

9350 

9355 

9360 

9365 

9370 

9375 

9380 

9385 

9390 

1 

1 

2 

2 

3 

3 

4 

4 


87 

9395 

9400 

9405 

9410 

9415 

9420 

9425 

9430 

9435 

9440 

0 

1 

1 

2 

2 

3 

3 

* 

4 

88 

9445 

9450 

9455 

9460 

9465 

9469 

9474 

9479 

9484 

9489 

0 

1 

1 

2 

2 

3 

3 

4 

4 

89 

9494 

9499 

9504 

9509 

9513 

9518 

9523 

9528 

9533 

9538 

0 

1 

1 

2 

2 

3 

3 

4 

4 

90 

9542 

9547 

9552 

9557 

9562 

9566 

9571 

9576 

9581 

9586 

0 

1 

1 

2 

2 

3 

3 

4 

4 

91 

9590 

9595 

9600 

9605 

9609 

9614 

9619 

9624 

9628 

9633 

0 

1 

1 

2 

2 

3 

3 

4 

4 

92 

9638 

9643 

9617 

9652 

9657 

9661 

9666 

9671 

9675 

9680 

0 

1 

1 

2 

2 

3 

3 

4 

4 

93 

9685 

9689 

9694 

9699 

9703 

9708 

9713 

9717 

9722 

9727 

0 

1 

1 

2 

2 

3 

3 

4 

4 

94 

9731 

9736 

9741 

9745 

9750 

9754 

9759 

9763 

9768 

9773 

0 

1 

1 

2 

2 

3 

3 

4 

4 

95 

9777 

9782 

9786 

9791 

9795 

9800 

9805 

9809 

9814 

9818 

0 

1 

1 

2 

2 

3 

3 

4 

4 

96 

9823 

9827 

9832 

9836 

98-41 

9845 

0850 

9854 

9859 

9863 

0 

1 

1 

2 

2 

3 

3 

4 

4 

97 

9868 

9872 

9877 

9881 

9S86 

9890 

9894 

9899 

9903 

9908 

0 

1 

1 

2 

2 

3 

3 

4 

4 

98 

9912 

9917 

9921 

9926 

9930 

9934 

9939 

9943 

9948 

9952 

0 

1 

1 

2 

2 

3 

3 

4 

4 

99 

9956 

9961 

9965 

9969 

9974 

9978 

9983 

9987 

9991 

9996 

0 

1 

1 

2 

2 

3 

3 

3 

4 




ANTILOGARITHMS 


6 6 7 8 9 


Propobtional Farts 


1 2 3 4 8 6 7 8 9 


.00 1000 1002 1005 1007 1009 1012 1014 lOUi 1019 1021 001111222 

.01 1023 1026 1028 1030 1033 1035 103.S 1010 1042 1045 001111222 

.02 1047 1050 1052 1054 1057 1059 1062 1064 1067 KMiO 0 0 1 1 i 1 2 2 2 

.03 1072 1074 1076 1079 lOSl 1084 1086 1089 1091 1094 001111222 

.01 1096 1099 1102 1104 1107 1109 1112 1114 1117 1119 011112222 

.05 1122 1125 1127 1130 1132 1135 1138 1140 1143 1146 011112222 

.06 1148 1151 1153 1156 1159 1161 1164 1167 1169 1172 0 1 1 1 l 2 2 2 2 

.07 1175 1178 1180 1183 1186 1189 1191 1194 1197 1199 011112222 

.08 1202 1205 1208 1211 1213 1216 1219 1222 1225 1227 011112223 

.09 1230 1233 1236 1239 1242 1245 1247 1250 1253 1256 011112223 

.10 1259 1262 1265 1268 1271 1274 1276 1279 1282 1285 011112228 

.11 1288 1291 1294 1297 1300 1303 1306 1309 1312 1315 011122223 

.12 1318 1321 1324 1.327 1.3.30 13.34 13.37 1340 1343 1316 011122223 

.13 1319 1352 1355 1358 1.361 1365 1368 1371 1374 1377 0 1 112 2 2 3 3 

.14 1380 1384 1387 1390 1393 1396 1400 1403 1406 1409 011122238 


.15 I 1413 1416 1419 1422 1426 1429 1432 14.35 1439 1442 0 1 1 

1445 1449 14.52 14.55 1459 1462 1466 1469 1472 1476 0 1 1 

1479 1483 1486 1489 1493 1496 1500 150.3 1.507 1510 0 1 1 

1514 1517 1521 1524 1,528 1.531 1.535 1.538 1.542 1545 0 1 i 

1549 1552 1556 1560 1563 1567 1.570 1574 1578 1581 0 i 1 

.20 1585 1589 1592 1.596 1600 1603 1607 1611 1614 1618 0 J 1 

.21 1622 1626 1629 1633 16.37 1641 1044 1648 10.52 16.50 0 3 1 

.22 1060 1003 1667 1671 1675 1679 16,83 1 687 1690 1694 0 1 3 

.23 1698 1702 1706 1710 1714 1718 1722 1726 1730 1734 11 1 3 

.24 1738 1742 1746 17.50 1754 1758 1762 1700 1770 1774 0 3 1 

.25 1778 1782 1786 1791 1795 1799 1803 1807 1811 1816 0 l 1 

.26 1820 1824 1828 18,32 1837 1841 1845 1.849 18.54 1858 0 i 1 

.27 1862 1860 1-871 1875 1879 1884 18,88 1,892 1897 1901 0 1 1 

.28 1905 1910 1914 1919 1923 1928 1932 1936 1941 1945 0 1 1 

.29 1950 1954 1959 1963 1968 1972 1977 1982 1980 1991 0 1 3 

.30 1995 2000 2004 2009 2014 2018 2023 2028 2032 20.37 0 3 1 

.31 2042 2046 2051 20.56 2001 2065 2070 2075 2080 2084 0 1 1 

.32 2089 2094 2099 2104 2109 211.3 2118 2123 2128 2133 0 1 3 

.33 2138 2143 2148 2153 2158 2103 2168 2173 2178 2183 0 1 1 

.34 2188 2193 2198 2203 2208 2213 2218 2223 2228 2234 i 1 2 


2 2 2 3 3 
2 2 2 .3 3 
2 2 2 3 3 
2 2 3 3 3 

2 2 3 3 3 
2 2 3 3 3 
2 2 3 3 3 
2 2 3 3 4 


2 2 2 3 3 
2 2 3 3 3 
2 2 3 3 3 
2 2 3 3 4 
2 2 3 3 4 

2 2 3 3 4 
2 2 3 3 4 
2 2 3 3 4 
2 2 3 3 4 
2 3 3 4 4 


.35 2239 2244 2249 22.54 2259 2265 2270 2275 2280 2286 1 1 2 2 3 3 4 4 5 
.36 2291 2296 2301 2.307 2312 2317 2323 2328 2333 2339 112233445 
.37 2344 2350 2355 2360 2366 2371 2377 2382 2388 2393 112233445 
.38 2399 2404 2410 2415 2421 2427 2432 2438 2443 2449 112233445 
.39 2455 2460 2466 2472 2477 2483 2489 2495 2500 2506 112233455 

.40 2512 2518 2523 2529 2535 2.541 2547 2.553 2559 2564 1 1 2 2 3 4 4 5 5 
.41 2570 2576 2582 2.588 2594 2600 2606 2612 2618 2624 1 1 2 2 3 4 4 5 5 
.42 2630 2636 2642 2649 2655 2661 2667 2673 2679 2685 |l 1 2 2 3 4 4 5 5 
.43 2692 2698 2704 2710 2716 2723 2729 2735 2742 2748 112334455 
.44 2754 2761 2767 2773 2780 2786 2793 2799 2805 2812 112334465 


.45 2818 2825 2831 2838 2844 2851 2858 2864 2871 2877 112334565 
.46 2884 2891 2897 2904 2911 2917 2924 2931 2938 2944 112334656 
.47 2951 2958 2965 2972 2979 2985 2992 2999 3006 3013 1 1 2 3 3 4 5 6 6 
.48 3020 .3027 3034 3041 3048 3055 3062 3069 3076 3083 1 1 2 3 4 4 6 6 6 
.49 3090 3097 3105 3112 3119 3126 3133 3141 3148 3155 112344566 






ANTILOGARITHMS 


331 


I 0 1 2 3 

I 


.50 3102 3170 3177 31S4 
.51 3230 3213 3251 325<S 
.52 3311 3319 3327 3334 
.53 3383 3390 3404 3112 
.54 3467 3475 3483 3491 

.55 3548 3550 3565 3573 
.50 3631 3639 3648 365(> 
.57 3715 3724 3733 3741 
.58 3802 3811 3819 3828 
.59 3890 3899 3908 3917 

.00 3981 3990 3999 4009 
.(il 4074 4083 4093 4102 
.02 4109 4178 4188 4198 
.63 4266 4270 4285 4295 
.64 4305 4375 4385 4395 

.05 4407 4477 4487 4498 
.60 1571 4581 4592 4003 
.67 4077 4688 4099 4710 
.68 1780 1797 4808 4819 
.69 4898 4909 4920 4932 

.70 5012 5023 5035 5047 
.71 5129 5140 5152 5104 
.72 5218 5200 5272 5284 
.73 5370 5383 5395 5408 
.71 5495 5508 5521 5534 

.75 5023 5630 5649 5062 
.70 5751 5768 5781 5794 
.77 5888 5902 5916 5929 
.78 6020 0039 6053 6067 
.79 6166 6180 6194 6209 

.80 6310 0324 0339 6353 
.81 0457 6471 6486 0.501 
.82 6607 6622 6637 66.53 
.83 0701 0770 6792 6808 
.84 6918 6934 6950 0966 

.85 7079 7096 7112 7129 
.86 7244 7261 7278 7295 
.87 7413 7430 7447 7464 
.88 7586 7603 7621 7638 
.89 7762 7780 7798 7816 

.90 7943 7962 7980 7998 
.91 8128 8147 8166 8185 
.92 8318 8337 8356 8375 
.93 8511 8531 8551 8570 
.94 8710 8730 8750 8770 

.95 8913 8933 8954 8974 
.96 9120 9141 9162 9183 
.97 9333 9354 9376 9397 
.98 9550 9572 9594 9616 
.99 9772 9795 9817 9840 


4 6 6 7 8 


3192 3199 3206 3214 3221 
32(>0 3273 3281 3289 3296 
3342 3350 3357 3365 3373 
3420 3428 3436 3443 3451 
3499 3508 3516 3524 3532 

3581 3589 3597 3606 3614 
3001 3073 3681 3690 3698 
37.50 37.58 3767 3776 3784 
3837 3846 3855 3864 3873 
3926 3936 3945 3954 3963 

4018 4027 4036 4046 4055 
4111 4121 4130 4140 41.50 
4207 4217 4227 4236 4246 
4305 4315 4325 4335 4345 
4406 4416 4426 4436 4446 

4508 4519 4529 4539 4550 
4613 4624 4634 4645 4656 
4721 4732 4742 4753 4764 
4831 4842 485:1 4864 4875 
4943 4955 4966 4977 4989 

5058 ,5070 5082 5093 5105 
5176 5188 5200 5212 5224 
5297 5309 5321 5:333 ,5346 
5420 54.33 5445 5458 5470 
5546 .55.59 5572 5585 5598 

567,5 5689 5702 5715 5728 
5808 5821 5834 5848 5861 
5943 .5957 5970 5984 5998 
6081 609.5 6109 6124 6138 
6223 6237 6252 6266 6281 

6368 6383 6397 6412 6427 
6516 6531 6546 6561 6577 
6668 6683 6699 6714 6730 
6823 6839 6855 6871 6887 
6982 6998 7015 7031 7047 

7145 7101 7178 7194 7211 
7311 7328 7345 7362 7379 
7482 7499 7516 7534 7551 
7656 7674 7691 7709 7727 
7834 7852 7870 7889 7907 

8017 8035 8054 8072 8091 
8204 8222 8241 8260 8279 
8395 8414 8433 8453 8472 
8590 8610 8630 8650 8670 
8790 8810 8831 8851 8872 

8995 9016 9036 9057 9078 
9204 9226 9247 9268 9290 
9419 9441 9462 9484 9506 
9638 9661 9683 9705 9727 
9863 9886 9908 9931 9954 


Proportional Parts 

9 - 

l|»|8|4|5|6|7|*|» 


3228 1123 44567 

3304 1223 45567 

3381 1223 45567 

3459 1223 45667 

3540 1223 45667 

3622 1223 45677 

3707 1233 45678 

3793 1233 45678 

3882 1234 45678 

3972 1 2 3 4 5 5 6 7 8 

4064 1234 56678 

41.59 1 2 3 4 5 6 7 8 9 

4256 1234 56789 

4355 1234 56789 

4457 1234 567 8 9 

4560 1234 56789 

4667 1 2 3 4 5 6 7 0 10 

4775 1234 5780 10 

4887 1234 6789 10 

5000 1 2 3 5 6 7 8 0 10 

5117 1245 0 7 8 0 11 

.5236 1 2 4 5 6 7 8 10 11 

5358 1 2 4 5 6 7 0 10 11 

5483 1 3 4 5 6 8 0 10 11 

5610 1 3 4 5 6 8 9 10 12 

5741 1 3 4 5 7 8 9 10 12 

5875 1 3 4 5 7 8 9 11 12 

6012 1 3 4 6 7 8 10 11 12 

6152 1 3 4 6 7 8 10 11 13 

6295 1 3 4 6 7 9 10 11 13 

6442 1 3 4 6 7 9 10 12 13 

6.592 2 3 5 6 8 9 11 12 14 

6745 2 3 5 6 8 9 11 12 14 

6902 2 3 5 6 8 9 11 13 14 

7063 2 3 5 6 8 10 11 13 16 

7228 2 3 5 7 8 10 12 13 15 

7396 2 3 5 7 8 10 12 13 16 

7568 2 3 5 7 9 10 12 14 16 

7745 2 4 5 7 9 11 12 14 16 

7925 2 4 5 7 9 11 13 14 16 

8110 2 4 6 7 9 11 13 15 17 

8299 2 4 6 8 9 11 13 15 17 

8492 2 4 6 8 10 12 14 16 17 

8690 2 4 6 8 10 12 14 16 18 

8892 2 4 6 8 10 12 14 16 18 

9099 2 4 6 8 10 12 16 17 19 

9311 2 4 6 8 11 13 16 17 19 

9528 2 4 7 9 11 13 16 17 20 

9750 2 4 7 9 11 13 16 18 20 

9977 2 5 7 9 11 14 16 18 20 
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preparation of a standard solution of. 60 
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Acidimetry. 42 
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standardization of. 61 
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Adsorption indicators. 135 
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carbonates, titration of. 65 
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hydroxides, standardization of. 64 
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titration of. 60, 69 

Alkalies, determination in silicates. 225 

separation of. 225 
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titration of. 227 
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Allen, determination of sulfur in pyrite. 275 
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titration of 73 
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\ olumetrie 22 

Andrew, L W, titration with potassium lodate 129 
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Anhydrone, drying agent 199 
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Anodes 202, 214 
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Apparent iron va^lue of wire for standardizition 101 

Arsenic, volumetric dc tcrmm ition in ores 277 
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Asbestos filters 98, 243 
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B 
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precautions in use of 4 

riders for 5 
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use of 4 
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standard solution of 140 
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Bronze, analysis of. 285 
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Bunsen burner. 166 
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C 

Cadmium chloride solution. 268 

Cahin, titration of manganese with permanganate. 244 

Calcium, determination in limestone. 193 

oxalate, solubility of. 197 
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volumetric determination of. 195 
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209 

Cementite, definition 
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Drechsel, G., titration of chloride solutions. 134 
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Dualistic theory. 186 
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